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3.., .[ . : Ion-selective electrochemical sensors can provide a means for rapidly

determining and continuously meniLoring the concentration of a variety of ionic
species ifi aqueous solvticns, particularly saline and brackish waters. The develop-
ment of novel ion-selective sensors was the goal of this research program. Specif-
ically, the program goal was to develop inexpensive, chemically durable, and highly
selective electrochemical sensors which would provide rapid and specific response to
Fed.5, Cud.z, Ca÷2, Mg÷2, Na+, K+, and SO~ in saline and brackish water. The

primary approach taken in th’s program was to investigate the use of nonoxide
materials, both crystalline and amorphous, which, when fabricated into sensors,
gave selective response to the specific ions of interest. The research program had
four major parts: sensor material preparation’: material characterlzation, including
resistivlty; sensor preparation and evaluation for ion selectivity; and sensor mech-
anism studies,
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As the Natlonts principal conservation agenL~,, t!~e Department
of the interior has basic respons~b~lltles for water~i fish, wildlife,
mlneea~, land, park, and recreational resources. In,4ian Territorial

bl
affairs are other maior concerns of america’s "Department of

Natural Resources".

The Departm~ni worlds to assu~:e the wisest ehaice in .managing

all our resources so each will make its full contribution to a better

United States-now and in the future.

FOREWORD

This is one of a continuing series of reports designed to present

accounts of progress in saline water conversion and the economics of

its application. Such data are expected to contribute to the long-range

deveJopment of economical processes applicable to low-cost deminerallza-

tion of sea and other saline water.

Except for minor editing, the data herein are as contained in a report

submitted by the contractor. The data and conclusions given in the re~ort
are essentlally those of the contractor and are not necessarily endorsed by

the Department of the interior.
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F~NAL REPORT

FOR

ION-SELECTIVE ELECTROCHEMICAL SENSOR~

I. I.NTRODUCTION

Ion-selective electrochemical sensors can provide a means for rapidly deter-

mining and continuously monItoring the concentratlon of a variety of Ionic species

tn aqueous solutions, partlcu]arly saline and brackish waters. This ts the broad

goal of the research program sponsored by the Office of Saltne Water under Contract

No. I4-01-0001-1737 with Texas Instruments IncorporatEd. SpecifIcaIly, the program

goal is to develop Inexpensive, chemically durable, and blghl.y selective electro-
chemical sensors which wI11 give rapid and specific response’co Fe+3, Cu+2, Ca+2,

MO+Z, Na+, K+, and S04= in saline and brackish water, The primary approach taken

in this program was to iuvesttgate the use of nonoxide r~sterIals, both crystalline

and amorphous, whlch, when fabricated Into sensors, glve selective response to

the specific ions of Interest. The research program had four major parts: sensor

material preparation; material characterization, Inc]uding resistivity; sensor

preparation end evaluation for ion select[vlty; and sensor mechanism studies.

Each of these topics will be discussed in terms of individual sensors.

Ion-selective electrochemical sensors can be combined with other sensors to

build up process centre| systems. These systems wit1 permit hatter control and

automation of such processes as reverse osmosis demineralization of brackish

waters, acld mine drainage water damlneralizatlon, and monitoring of total copper

concentration in the flnal brine discharge from a distillation desalination pro-

cess.

Ion-selectlve electrochemlcal sensors will provide accurate monitoring of the

concentration of individual Ionic species In solution on a continuous and real-time

basis. The efficiency of the various subsystem elements (pretreat~ent section,

chemical addition, membranes, etc.) can be easily determined and optimized for

the current operating conditions. Thus, the quality of Incoming and product water

could be easlly established, In addition, such process control systems can signal

changes tn raw materials end In environmental and operating conditions. These

signa]s wl]I al|ow corrective actions to be Initiated before the operation has

iv’
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degraded to the point at which it must be shut down. However, if the cha~lges have

bean too drastic and cannot be corrected within a reasonable period of time so that

continued operation a( these levels would result in permanent damage to the systems,

tho process controI ~ystem wou|d actual|y shut the process down to prewnt serious

damage to expensive components such as the membranes. Inclusion of ion-selective

electrochemical seqsors in process control systems will provide critical Informa-

tion needed to ~Jrove operations at a lower total operating cost.

Much of th~ work performed or= this contract has been published. I-s The three

previous Inter nediate Reports for this contract, U. S. Department of the Interior,

Office of Saline Water Research and Developments Progress Reports #496, 619, and

76], contain detailed accounts of all of the work performed prior to the last

year of the contract. A paper entitled ’=Ion-Selective Electrochemical Sensors-

pe+3j Cu+2’’ was pub|ished in The Journal of Electrochemical Soclety. 4 It summarizes

the early work on the Fe+3 sensor. A second manuscript5 entitled "Potenttometrlc

Titration of Sulfate Using an Ion-Selective Iron Electrode" was6Published in

AnaIyti;al ~hem]stry. Currently~ at least two mere manuscripts aru planned for

publication in the open literature. Portions of the work reported in the five

~ub|~:atfons mentioned above are used in this report for purposes of comp|eteness

and ’Jnderetanding. All other work and results not previously reported are included

her,~.

In this report each sensor is identified end discussed in terms of the ion to

which It responds most selectively. Included in the discussion of each ion are

sensor material preparation, resistivity of sensor material, evaluatlon of materials

in Ion-selective sensors, and mechanistic studies to provide a better understanding

of the way the sensor functions and some of the precautions necessary to ensure

its reliable performance. Hence~ the sections that follow are devoted to discus-

sions of sensors of each of the following ions: Fe+3t ~u+2, S04=| and Ca+2 plus Mg+Z.

One section describes preliminary work on other sensors that were not pursued

to any great extent in thts program. A section is also devoted to describln9
laboratory work closely re~ated to applications in various demfoeralizatton pro-

cesses. The final section summarizes the results and provides recommendations

for future work ie th{s area.

?



If. Fe+3 SENSORS

One of the first groups of rnateri~s ~nvestlgated during this program was

the nonoxide containing chalcogenide glasses. Although a number of different

materiels were investigated ~nd reported, ]’4 the chalcogenide glass that showed

the most promise for Fe+3 had the compesi tien Se60Ge28Sb]2 and had been previously

designated as TI #I173. If glass 1173 is properly doped with Fe (Fe-l173), the

resultlng material, when fabricated into sensors,1 will develop potentla]s that

can be related to the free uncomplexed ferric iron concentrations of aqueous solu-

tions. The electrode exhibits a Nernstian response with a slope of approximately

59 mV/decade change in Fe+3 concentration at ambient laboratory temperatures, This

effect is of practical interest in monitoring various demlneralization processes

and has particular application to acid mine draina9e waterp waste water treatment|

and several other process effluents. The response of the sensors is of considerable

scientific Interest because (a) the electrode potentlal is independent of the

ooncentratlon of almost all the .common univalent and divalent cations and partlcu-

larly ferrous iron content of the solution; while (b) the potential response 

ferric iron is a nominal 59 mV/decade concentration change, Indicative of a one-

electron process rather than the expected three-electron process (20 mV/decade),

Repetition of previously reported results I"4 concerning the Fe+3 sensor will

be kept to a minimum here, and emphasis will be placed on results not previously

reported. The additional Information presented here concerns the Fe-1173 sensors

only: the preparation, composition, and activation of the Fe-1173 material; the

electrochemical performance of this unique material; and the ion-sensing mechanism

of the electrode. ’

A. Experlmental

The iron glasses were ̄ prepared by fusing the appropriate amount of Iron wire

at 900 to 1000"C with the glassp Se60Ge28Sb12j previously synthesized directly

from the pure’elements. To form electrodes, discs 1.1 to 1.2 cm di’ameter and 0.1

to 0.2 cm thick were cut from the molt; gold Was then evaporated onto one side of
the glass disc; a platinum wire lead made contact to the gold via Silver M.icro-

paint; and the lead side of the:glass was isolated from the test solutions by

sealing the glass disc Into a Plexiglas tube.

3



4Resistivity and potential measurements were made as described previously.

Potenticstatic measurements were made with a Wenkln9 Model 6343R potentiostat.

All potentials are reported with respect to the commercial Ag/AgC1 electrode used

as reference. In experiments concerned with the possible influence of chloride

Ion on the measured potentials, this electrode was replaced with an Orion double-

junction Ag/AgCl reference electrode containing a potassium nitrate solution in

the outer junction. All measurements were made at ambient room temperature.

Usually, four Fe-1173 electrodes were immersed in the specific solutions

under test, to separate out spurious electrode effects from the particular parameter

being studied. For simplicity of presentation, only the data from one set will

be discussed.

To obtain a reproducible surfaced independent of the previous history of the

electrode, the sensors were etched periodically in 10% KOH for 30 seconds, rinsed

with supporting electrolyte, re-etched, and re-rinsed. The electrodes were then

stored in 10-3 HFe+3 overnight before use. The significance of these etching and

equilibration steps wlll be discussed.

The supporting electrolytes used in this study were 1M KCl and 0.1N NaCIO4.
Chloride forms weak complexes with ferric iron; perchl~rate shows little tendency

to complex.7 The responses tn nitrate were discussed previously.4

A motor-driven padd$e stirrer was used In the experiments concerned wtth the

effect of stirring on response time. Magnetic stirrers were avoided to obv|ate

any possible ¢or0plications from the heat so produced.

The analytical method for determining the total Iron content of the various

slices of Fe-1173 glasses was based on dissolution of the sample in aqua regta~

followed by measurement with an atomic absorption spectrometer.

B. Results and Discussion

The surface of an electrode prepared as described in Section ZI.A is visibly

heterogeneous, containing islands of one phase embedded in a matrix phase. Portions

of this electrode material were ground to’a powder| and an x-ray (Fe radiation)

4
/



pattern was taken under prolonged exposure. Xn no case could a detectable pattern

be found. It must therefore be concluded that neither phase of the electrode

material is crysta111ne.

The Fe-1173 electrodes are opaque to infrared radiation; the parent 1173

glass is transparent, It must therefore be concluded that neither phase is the

original 1173 glass. It was not possible to withdraw separately portions of either

phase for chemical analysis.

The homogeneity of the melts prepared as previously described4 is Indicated

by the data shown tn Table ! for the iron contents of slices taken along ~he length

of two melts (slice 1 ts the top of the melt). There are significant variations

in composition from slice to slice, and it is not possible to infer the composi-

tion of slice x from that of slice x ¯ 1. No trend in iron content could be

established from the position of the slice within the molt; crushing and remeltlng

the slices dld not Improve the homo genelty of melt composition.

It had been shown previously 4 that there was a dependence of resistivityon

the iron concentration of the melt. The existence of a critical iron concentration,
above which the resistivity decreased from the order of 103 ohm cln down to the

order of 50 ohmcm, was confirmed with chemical analysis of the individual slices
=,

On which the resistivity measurements had been made. This was necessary in

view of the compositional variations shown in Table I, As a result of improved

analyses, the critical concentration found was 1.3 atom% iron rather than the

approximately 2.3% value previously reported.

Table II summarizes the electrochemical performance of four high-resistance

electrodes; performance is d|scussed in terms of the potential-log concentration

slopes between the specified concentration limits. All the high-resistance glasses

showed less than the expected NernstJan slope to ahanges in icon concentration at

low net ferric iron contents. Table lII shows the steady-state Nernsttan slopes

for 16 low-resistivity (~ 50 ohm cm) electrodes over the concentration range 

10-5 to 10"2 14 ferric chloride tn 1 #4 KCl, pH 2. All electrodes had Iron concen-

trations of approximately 1.3 atom% Fe. Included in;Table III are the standard

deviations of slope as calculated from a least-squares fit of the data for each’ ’

/
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TABLE I

Iron Content Alonq the Melts

W elqht %Total Iron

Molt 39 Melt 23

Slice No. ~l.O wt % Fe added~

1 0.97

Z 0.91

3

4 1,o2

5 0.95

6 0.76

7 0.94

8 0.84

9 0.82

I0 0.80

I1 0,76

12 0.78
13 0.84
14 0.84

.(l.4 wt % Fe added)

1.27

1.29

1.27

1.18

1.29

I .~-9

1.30

1.22

TABLE II

,Potential Chanqe vs Fe+3 Concentration Chanq~

A Potential (mV)

;oncentret[onRanqel Ig"5 to 10"4 I0"4 to 10-3 I0"} to I0"Z I0"2 to I0"I

~lectrode Resistivity

(ohm-cm) I

54O 20.0 26,5 33.5 35.4

107 16.7 28.2 45.8 59.0

2. x 103c,., 37.8 57.4 61.0 60;0

4 x IO3 28.4 4[ .2 56.5 60.0

/
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Electrode

30=I

30-2

30-4

30-7

30-8

30-11

32-4

32-7

32-8

32-9

32-11

32-15

46-2

46-11

49-2

49-12

TABLE III

Nernstian Slopes for Low-ResfstancP

Electrode Response to Fe~3

Slope (aN/decade) Standard Deviation (aN)

62.1 1.9

61.3 1,8

59.3 1.4

59.9 2.2

60.3 2.9

58.3 2.3

52.5 1.4

56.2 2.9

55.2 1.4

59.5 1.3

54.9 1.3

55.5 0.6

52.1 0.8

58,2 2.5

58.6 2.2

57.3 1.7



electrode. (In ~hts numbering system the first number refers to a particular

melt, while the second number refers to a partlcular slice within the melt.) The

average slope is computed as 57.6 mV/deeade with a net standard deviation of

± 2.9 m~/decade. This, then, is a measure of the reproducibility with which elec-

trodes can be prepared. No correlation could be found with iron content and per-

formance, except as determined by the resistivity of the glass. Unless otherwise

specified, all data discussed below were taken with low-reslstance electrodes.

Figure 1 shows the response tire.s of one such electrode to small changes tn

iron concentration, Steady state was achieved within two to four minutes; response

time to increasing iron concentration appeared to be somewhat faster than responses

to decreasing concentrations,

Response time increased significantly, however, (a) when the concentration

changes were Increased to order-of-magnitude Increments, and (b) when the ambient

ferric Iron concentration was decreased below 10"4M ferric Iron. With stirring,

steady state at 10"SMwas achieved within 20 to 30 minutes; without stirringp

steady-state responses at 10-5 M were always quite long, taking up to 60 minutes

to reach steady state (here~ steady state is defined as an electrode potential

stable to within 0,1 mV/min.). At steady state, the electrode potentials were
independent of stirring rate over the range from O to 275 rpm, At 1O-4 M ferric

iron, steady state was achieved within 1O to 20 minutes with stirring.

This trend of decreasing response time with increasing Iron concentration did

not persist above 10-3 M; generally, ZO minutes were required to reach steady state,

as defined, and stirring had little effect. Response times were the same in per-

chlorate and in chloride solutions.

During the preliminary studies of electrode behavior, it was often observed

that the potential changes measured at and below 10-3 M Fe+3 were smaller than

expected (from a Nernstlan slope of about 59 mV per decade) if the electrodes had

been first exposed to 10"I or 10-2 M ferric iron for prolonged periods of time.

Furthermore, the equilibrium potentials thcmseives were higher than had been observed

after the electrodes had first been exposed to 10"4M ferric iron. This effect

was found in both chloride and perchlorate solutions. The phenomenon can be

illustrated and explained by the followiqg experiment, A thoroughly washed elec-



200

180

-6

5581-6
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Figure 1 2,39 Hole % F~0-1173 Glass Electrode Response Times for
Changing [Fe+~]
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trode was equilibrated in 10"3M Ferric chloride after exposure for ten minutes

to 10"1M F+); a steady potential of +355.7 mY was observed. The electrode was

then thoroughly rinsed with supporting electrolyte, and the test solution was

replaced with a second sample of the same IO-3 M concentration that had not been

exposed previously to an Fe-1173 electrode; a steady-state potential o6 +341.7

mV was recorded. Not only is this potential lower, but it is also what was anti-

cipated from Nernsttan behavior and the potential observed at 10-2 ~ ferric iron.

Placing the electrode back into the original IO-3 M solution restored the potential

reading to its original value. This indicates that the potential difference between

the two mill trnolar Iron solutions was not an artifact or electrode drift, hut was

indeed representative of the ferric iron content of the solutions. It would appear,

then~ that ferric iron was transferred from the surface of the electrode~ previously

ex~0sed to high icon content solutions, into the first millimolar iron solution.

Thus, when measurements were made to determine the potential of a solution

more than anorder-of-magnitude different in ferric iron content From the solution

previously monitored, the electrodes had to be equilibrated for ~t least 30 minutes

in the test solution and then placed in a fresh portion of the test solution. This

provided the most acburate representation of potentials characteristic of the

ferric iron content of the particular solution under study,

A more classical source of contamination was also found with a number of the

supporting electrolytes used in the studym specifically the presence of a smell

amount of residual iron impurity in the salt itself. Th? KCl and NaClO4 elec-

trolytes were analyzed For total soluble iron via an atomic absorption spectro-

metric method.5 The 0.1--N, NaCIO4 solution used contained 1.7 x IO-5 M Fe; the

t ~ KCl solution contained t x tO"7 ~ Fe. It was found that the KCI solutions

did vary in soluble iron content according to the particular batch of KCI used;

most samples contained resfdual iron in the 10-7 M range.

The lower limits-of-detection of the Fe=ll7) electrodes were therefore

estimated as follows. Equilibrium potentials were first measured for a KCI solu-

tion with a known~ large concentration of added iron. Sufficient EDTA (at the

same pH) was added to complex all iron present; potentials were recorded after

I0



15 minutes, The results of one such experiment in 1MKC1 are shown Ln Table IV,

From a comparison of the potentials at 10"SH Fe+3 and those of the KCI + EDTA

so]utton (t.e.p no iron), it would appear that the electrodes are sensitive down

to approximately 1O-fH ferric-- iron in t ~ KC1.

TABLE IV

Determination of Limlt-of-Detection

Solution Electrode

~2-~ ~£-6 72-8

lO"5 H Fe + KCl 216 hi/ 235 n~/ 232 mV

10-6 H Fe + KCl 165 203 198

KC’I 147 188 18~

KC1 + EDTA 145 182 180

The same experiment was carried out in perchlorate solution with substantially

the same result, J.e.s the electrode is capable of measuring soluble ferric iron

above a concentration of I0"6 ~ (0.06 ppm).

’It was also of interest to note that exposure of the electrode to EOTA did

not adversely affect activit¥~ in fact~ exposure may well have improved electrode

performance. An example of this effect is shown in Table V, Which lists the steady

state potentials of l0 "4 Fe, (a) initially, (b) after exposure to "1Fe, and

(c) after exposure to EBTA, (The st9ni~lcance of the "l exposure is dis cussed

below in more detail; suffice It to say that such an ~xposute has a deactivating
k

effect for subsequent exposure of the electrode to 10 sqlutiOnSo) 0hviouslyj

there Is 9ood agreement between the HLnitial’l and *lafter EDTA" potentials,
/ ¯



TABLE V

Effect of EDTA on Equilibrium Potentials

Electrode Potentials (for 10.4 B Fe~

Initial After 10"1Fe After EDTA

5 231.7 n# 223 n~/ 230 mV

6 210.8 204 211

7 232.6 208.~ 230

8 226.6 209.9 227

To generate electrodes which showed these Nernstian responses to varying

ferric iron concentrations, it was necessary to activate the sensor surface by

exposing a freshly etched electrode to a solution h~gh In ferric Iron concentratEon

(~ 10-3 M_). This phenomenon is illustrated by the data in Figure 2, which shows

the responses of a freshly etched electrode after equilibration overnight in three

different iron solutions. In each case, measurements were first made at the 10"5

concentration level, then at successively increasing iron concentrations.

C.hloride was the supporting electrolyte, but similar results were obtained wlth

perchlorate ion.

Consider first the response of the electrode equilibrated In the 10"S

iron solution: (a) little potential change was observed for solutions of iron

concentrations at and below 10-4 ~; (b) potential readings were abnormally low

below 10"3 H; (c) the response above 10"4Hwas super-Nernstian, i.e., greater

than ~ 59 niV/decade change in iron concentratLon. After exposure to 10"1

ferric Iron, this electrode showed the normal Nernstian responses as obtained with

properly activated electrodes (data not shown in the figure).

Consider next the electrode equilibrated overnight in 10-3 ~ ferric ton.

Response was Narnstian. and little hysteresis was observed in potential on increas-

ing and decreasing the iron concentration (data not shown in the figure). Similar

behavior was observed after a freshly etched electrode was equilibrated for one

hour in lO"1H ferric iron solution.

12
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Figure 2 Response After Equilibration Overnight in Three Different Iron Solutlons



Finally, consider the plot for the electrode equilibrated overnight tn

10"1M ferric iron. The subsequent performance at and above 10-3 M is normal;

response below 10-3 ~was less than would be expected from Nernstian behavior.

Furthermore, the potentials showed conslderable long-term drift. Zn many cases

such treatment with 10"1M ferric iron resulted tn electrodes that were completely

nonresponstve to changing ferric iron concentration below 10-h M ferric Iron.

To confirm that this deactivation Involved exposure time as well as ferric

iron concentration, an active electrode was exposed to 10-) M ferric Iron for

B7 hours, rather than overni9ht as described above, Subsequent measurements of

the concentration-potential responses Indicated a decrease in sensitivity of the

electrode to low concentrations of ferric Iron, e.g,, a potential change of only

)5 mV was observed from 10-5 to 10-4 M Iron and 5) mV from l0 "4 to lO~), rather
than the previously observed 5B mY/decade. Above 10-3 M ferric trend the response

was still Nernsttan. This result has obvious Implications relative to the use

of this sensor for the continuous monitoring of process streams. As with other

Ion-selective electrodes, best performance ts obtained when the electrode is used

to ~asure less than order-of-magnitude changes tn concentration around a constant

ambient concentration.

To avoid, or at least minimize, such deactivation of the electrode when the

sensor ts not In use, consideration was given to storing the electrodes In the

dry state~ without etching and chemical reactivation between applications.

AccordinglyD a series of four electrodes was activated overnight tn IO"3 M ferric

iron and then operated. After demonstration of the expected sensitivity to ferric

iron, the electrodes were washed with supporting electrolyte, washed with distilled’

water~ dried~ and left overnight in air. The electrodes were then exposed to solu-

tions of varying Iron content, and the Steady-state potentials were recorded. The

greatest divergence between the two sets of potentials wa~ 20 mV; the average

divergence was 10 n~V. Two Conclusions can be made. Firstp dry storage does

not deactivate the electrode; seoondt recaltbration Is a desirable precaution, as

with a|] ion-selective electrodes.

The operational effects discussed above raise significant questions regarding

the electrode mechanism for sensing ferric iron concentration. In particularj It

14



is necessary to rationalize the 58 mV/decade Nernstian slope, i.e., a one-electron

process, with the following: (a) the electrode activation phenomenon, (b) 

electrode deactivation process, (c) the auto-contaminatlon of the test solutions,

and (d) the variation in response times with the magnitude of concentration change

end concentration level,

One possible explanation, consistent with previously discussed redox behavior,

ts that the electrode sees only the oxidation potential of the ferric Iron (the

reduced half of th~ equilibrium couple is in the electrode); but to function pro-

perly, the electrode surface must first be oxidized, e.9. , to a potential approxi-

mating that of 10"1M ferric chloride. The auto-contaminatlon effect could indicate

that the solubillty of the electrode material i’s potential-dependent. $I~ilarly,

the deactivation process could be explained by a competing slow and Irreversible

oxidation of the surface by ferric iron at potentials equal to or greater than

+400 nN vs Ag/A9;I.

The following experiment was carried out in ~n attempt to evaluate the effeGt

of oxidation potential. (Thls study was done in replieate, but for simplicity of

presentation the data for only one run are discussed,) An electrode was etched,

washed with supporting electrolyte, and placed in 1M KCl, pH 1.7, but with no

added iron. The potential of the electrode was set to +400 mV with the. potcntio-

slat and held for three hours. This ts approximately the potential the electrode

would have reached If exposed to 10"1 ~ ferric chloride tn I M KGI~ pH 1.7. A

current flow of 2 n~ anodlc was observed initially, decreasing within 15 minutes

to 0.003 n~ anodI¢. This indicates that a ckemlcal oxidation of the electrode

surface does take place during the electrode activation step.

After the anodic current had definitely fallen to zero (three hours), the

applied potential was removed, and the electrode was exposed to varying concentra-

tions of ferric ion in the same supporting electrolyte, starting with 10"bM and

proceeding to higher concentrations in order-of-magnitude increments. The poten-

tial-log concentration response obtained In this way was substantially Identical

to that shown In Figure 2 for the freshly, etched electrode exposed to 10-5

ferric chloride. At 10"5 M Pe+3 the electrode potential was of the order of 1S0 mV

below Its equilibrium Nernstlan value and only slowly increased toward this poten-
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tlal (at ~ 5 mV/hour). This rate of approach to equilibrium was much slower than

that observed during operation of the chemlcally activated electrode at this con-

centration level, Varying the solution Pe÷3 concentration generated a super-

Nornstian response. As concentration increased, the potentials more closely

approximated ~heir ~=true== equilibrium values, and the rate-of-approach to

equilibrium increased.

Zt can thus be concluded that oxidation of the electrode surface occurs

during the activation step, but, in Itselft is not sufficient to provide an

electrode responsive to changing Iron concentrations tn the supporting elec-

trolyte so]ution. Exposure to high concentrations of ferric Iron ts tndcad

required, Since the phenomenon ts observed In perchlorate solution, the Important

species involved in this process ts ferric ion, not a chloride complex.

It had been determined previously that exposure of the electrode to I0"I

ferric iron for three hours, i.e., the tlme period used in the potentlostatlc

treatment discussed above, was sufficient to deactivate the electrode response

to low concentrations of ferric Iron tn the solution. However, the potentiostattc

treatment did not adversely effect the electrode performance. To further confirm

this, a freshly etched and chemically activated electrode was put on the potentio-

slat at ÷400 nN for three hours. Subsequent potentlon~tric response to varyin9
iron content In solution was unchanged, I.e., the electrode was not detecteblV

deactivated. Thus, it can be concluded that electrode deactlvation also does not

solely involve surface oxidation, I.e., hlgh potential, but that hlgh concentra-

ttons of ferric Iron are required.

The next point to establish is the nature of the chemical Interaction between

the ferric Iron in solution and the surface of a chemically, or electrochemically,

oxidized Fa-l173 electrode. The most likely reaction is that of equilibrium

(rather than frreversib]e) ohemtsorption of +3, The specificity of such a p ro-

cess would account for the selectivity of the electrode materiel. The equilibrium

exchange of the adsorbed Iron with ferric ion in solution would account for the

auto-contamination effect, since the electrode Is severely shifted from equilibrium

by, for example, reducing the solution iron content more then an order of magnitude.

Of course, the Initial adsorption of ferric Iron would be expected to produce a

potential change; lndeedm after potentiostatfc oxidation the addition of ferric
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ions subsequently leads to an increase in potential which, as described, is

super-Nernstian. I.e., is greater then expected from the effect of concentrettee

change alone.

A series of experiments was carried out in an attempt to elucidate the

chemistry involved in this electrode-ferric ion Interaction. The specific measure-

ment techniques used were (1) free ferric Iron analysis of the equilibration solu-

tions with an activated Fe-l173 electrode,-(2) tote] iron analysis of the equi-

libration solution via atomic absorption (AA) spectrometric analysis, and (3) Fe+3/

Fe+2 ratio monitoring via a platinum screen electrode.

Accordingly, an electrode was fresh]y etched and placed In a 10-5~FeCI
3

solution (pH 1.7p 1H KC1). which was equilibrated with the active Fe-1173 elec-

trode. The potential of the active electrode decreased by 7.8 mV in 60 minutes.

analysis Indicated no change In total iron content. These results are rational-

Ized by noting-that a freshly etched electrode is In a reduced state (at approxi-

mately -400 mV) and ts thus capab):e of reducing ferric ion to ferrous Ion.

Potentlostattng such an electrode at+400 mV resulted in an anodic current flow,

as described previously.

The test electrode was therefore re-etched, potentiostated at ÷400 r~V for

2.5 hours, and then exposed to 10"hH ferric chloridesolution. The active

Fe-1173 electrode again Indicated a decrease in ferric iron content; but the

potential change was much smaller, I.e., of the order of a mtlllvolt. The

plr~Jnum screen electrode Indicated a decrease In potential of 4.6 ~. Thus, there "

ts achange In the composition of the equilibrating electrolyte~ but it is small.
j.

AA analysis of the solution showed no change in the total Iron content. However,

the changes Indicated by the electrodes are at the limit of reproducibility of

the AA analytical method, complicating matters=, however, was the observation that

In no case during the replicate’AA analysis of replicate solutions was there a

lower concentration of total Iron In t~e equIltbr&~Ion solution than In the original

electr~lyteo In fact~ in most cases there was a small Increase,

, Nevertheless, it ls~possible to conclude thatvery llttle, tf any, reduced
species come off the electrode during the activation step. The potential change



noted for the platinum electrode, if due solely to ferrous iron or a similar

reduced species, would be of the order of 10-7 ~ (0.006 ppm re). The same con-

clusion applies to a chemically activated electrode during ferric iron sensing,

The platinum electrode was placed in a IO"5 H ferric chloride solution until

steady state was achieved. An active Fe-1173 electrode was placed in this so]u-

~tion, and no change in potential of the platinum electrode was observed,

!
These observations ar~ consistent, primarily with the adsorption Of ferric

iron onto the electrode surface during the activation step. The quantities involved

are proportJona| to solution ferric iron concentration and hence are small at low

ambient concentrations of ferric iron. (At higher concentrations there would be

the problem of detecting small differences between large numbers.)

The available data make it impossible to exclude comp]etely the desorptJon

or dissolution of material from the electrode surface which would form a stable
complex ion with Fe+3 and thereby reduce the electrode potentials of the monitoring

electrodes as described. Such a mechanism would he consistent with the AA results

on total iron content of the solutions. However, (a) such dissolution would have

to take place only in the presence of ferric iron (or the process would have been

completed during the potentiostattn9 step), (b) such dissolution could not expose

a fresh Fe-]173 surface (or steady state would not have resulted), and (el 

Fe+3 complex would have to have a low equilibrium constant (log K of the order of

2 or 3) or the changes in ferric iron concentration would be greater than those

observed. This, in turn, wou|d imply a solubility product not strongly influenced

by the Fe+3 concentration and condition (a) would not apply.

Thus, the most likely interaction is adsorption of ferric iron on the Fresh

electrode surface.

If the deactivation process proceeds via an irreversible, slow adsorption of

ferric iron species, which may or may not be potential-dependent, then it would

~e expected that if the potential of the electrode were reduced, it would be

possible to displace Ferric iron from the electrode surface, or it would be possible

to reduce this adsorbed ferric iron to ferrous iron, Since ferrous iron does not

evoke an electrode response, it can be assumed that it is not adsorbed onto the



electrode. In both cases, soluble Iron should appear in the supporting electrolyte.

Accordingly, a deactlveted electrode was potentiostated at +IIO mV for ten minutes

In l ) KCl, pH 1.7, containlng no added Iron. Current fiow was cathodlc, but

less than O.0Ol n~. The solution was then anal~zed for so)uble Iron vla a more

sensltlve atomlc absorption spectrometrlc methodS; 0.)4 mg/llt (6 IO’6 ~ Ir on

was found. Although small, the value ts nevertheless real, l,e., In excess of

the residual iron content found In the particular KCI solutlon used In thls experl-

ment. This Is evidence in support of deactlvatlon vla Irreverslble, but slow,

adsorptlon of ferric iron onto the electrode surface. It Is conslstent wlth such

a mochanlsm that Inactlve electrodes always read hlgh, l.e., glve potentlals In

excess o~ those expected from equlllbrlumwlth the solution belng measured. Such

would be the case for an electrode wlth an excess of Iron on the surface.

We are therefore left with the following conclusions regarding the activation

and sensing mechanism of Fe-l173 electrodes. A properly activated electrode will

show Nernsttan responses to solutions varylng tn ferric Iron content with a slope

of approxtmat.ely 58 mV per decade concentration changep i.e., a one-electron

change process. However, for the electrode to function properlym a freshly etched

surface must first be exposed to ferric Iron solution of moderately high con-

centration, of the order of 10") R or higher. During this step, the electrode

surface Is oxtdtzedD and then a chemical Interaction takes place between the

electrode and ferric Iron In the solution. It Is thts modified surface that

Is Involved In the sensing of ferric Iron content of solutions. The sensing

mechanism do~s not Involve the Injection of reduced species Into the electrolyte,

This Interaction of the electrode with ferric Iron In solution ts most likely

one of specific adsorption, although the quantity of ferric Iron so Involved Is

low, at l~est ct low ambient Iron concentrations, The operational effects discussed

lmp!y that the subsequent ferric ion sensing mechanism Involves the exchange

o? ferric lens in solution wlth the electrode surface.

Electrode deactivation is rationalized In terms of a slow, Irreversible

adsorption of ferric Iron taking place simultaneously with the faster adsorption

process that forms the basis of the sensing mechanism. Xn any event, the Involve-

ment of ferric iron In the deactivation process is strongly lnd|caeed. The rate

of deactivation is proportional to the av’erage Fe+3 concentration seen by the

electrode, thus further supporting the l~lea o6 dry storage to prevent deactivation.
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The remaining problem is to account, at least qualttativelys for the one-

electron Nernstlan slope with such a mechanism. Obviot~sly~ the electrode mechanism

is more complex than that originally proposedD I.e., a redox couple, Fe+3/M+2, where

H+2 ts contained in the electrode surface. There ts little doubt that the electrode

responds to oxid|zing agents such as Ce+4 and peroxides. 4 However, there may well

be more than one machantsm~ depending on the species Involved; work tn progress is

consistent with such a conclusion. To be consistent with the Information discussed

above relative to Pe+3 sensing, It Is necessary to postulate e surface adsorption

or chelation ~hteh Involves a poteottai-determtnin9 Ion exchange with Fe+) In

solution, The overall process of generating an active surface and sensing ferric

iron may be represented as follows:

Fe-1173 + fe +3 (sol) ~ oxidized Fe-l173 + +2 (sol)

Fe-1173 (ox) + +3 ~

H* ÷ Fe÷3 (sol) = ~ Fe.

The freshly etched Fe-117~, on exposure to ferric Iron in solutionj Is first oxidized.

This surface .then Interacts chemically with further ferric |ron to form the active
centers (H~) Involved with the subsequent ferric iron sensing. (This process Is.

inferred from the extremely slow approach of the oxidized electrode to true

equt|tbrfumwhCn tt Is exposed to low concentrations of ferric ion in solution.)

The active site (H*) now establishes Its potential via fast, reversible adsorption-

d¢sorptlon equtltbrtumwtth Fe+3 in solution end that adsorbed on the surface.

Since this is 8 one-for-one process~ a Nerosttan slope of $8 mV/decede results.

At the same time, a much slower Irreversible adsorption deactivation process takes

place which is dependent on the concentration of ferric Ion in solution.

,Summary

Properly prepared, ectIvated~ and operated Fe-1173 electrodes show Nerostien

responses to changing ferric ion concentration between 10"5 and approximately I0"1

Fe+3t with a nominal slope of 58 mV/decade ferric Iron concentration. This slope

Is reproducible from electrode to electrode within ¯ 3 mV(1 ~ level). The same

slopes were found in chloride and perchlorate media, Ferrous Ion is not seen

by the electrode.
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As presently prepared, slices of sensor meterlal taken from a given melt

can vary ± 10% in total fron content, fe-1173 glasses containing less than O,~

(at.) are higher in resistivity (~ +3 ohm cm), El ectrodes of thi s materlal~

while they respond to changes in ferric iron content tn soIutton~ are less sensitive

to low (s IO’4M_) concentrations of F+3. Low resl’sttvtty (< 103 ohm cm and

preferably < 102 ohm cm) material results in electrodes that are sensitive to con-

centrations as low as 10-6 M Fe+3 (0.06 ppm) in chloride and perchlorate solutions.

Electrode response time decreases with decreasing increment of concentration

change, with ~nereastn9 ambient concentration of ferric |ron~ and with stirring.

Exposure of the electrodes to strong chelating agents such as EDTA does not

adversely affect subsequent electrode response.

To develop an active sensor for monitoring ferric ion concentration t the elec-

trode surface must be etched In a caustic and exposed to high (~ 10-3 M_) concentra-

tion of ferric iron. This activation process involves the oxidation of the surface

as well as further chemical reaction with ferric iron. The activation process Is

different from the sensing process in that the latter involves e fast, reversible

exchange between solution ferric ions and adsorbed ferric lens. A slow chemical

deactivation of the surface takes place which tnvolves~ at ]east in part~ the

Irreversible adsorption of ferric ton. Electrode life can be prolonged by dry

storage, and deactivated e]ectrodes are readi]y reactivated by etching and

exposure to ferric ion,
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Ill. Cu+2

Earlier investigations 1’4 demonstrated that the Fe-1173 would indeed respond

to Cu+2 in the absence of Fe+3, However, the selectlvity of this sensor was poor

for Cu+2 over Fe+3. The ~eehantstlc studies of the Fe+3 sensor suggested that the

use of o×y-chalcogen|de glass could result in a family of sensors for different

ions. This first attempt was directed to a specific Cu+2 sensor and Involved the

formation of a Cu0-As2S3 glass. The material exhibited low resistivity and was
sensitive to Cu+2 tn a variety of electrolytes. Work continued using not only

CuO, but also Cu, Cu2S, and CuS as additives to the As2S3. All materials systems
responded. Attempts to make sensors for ions other than Cu+2 with th|s chatco-

genide system were discussed in O.S.W. progress report # 761.3

As tn previous sections of this report, earlier work previously reportedt’3

will not be repeated unless tt ts necessary for clarity. Emphasis will be placed

on results obtained since the last report.

This section discusses the preparation= performance, properties and sensing

mechanism of a" Cu+2-sensttive ehaleogenide glass electrode prepared from copper

metal and preformed arsenic trtsulftde (AszS3). Applications of these electrodes
will be discussed tn Section VII of thls report.

A. Experimental

Pure arsenic trtsulftde was prepared by heating the elements (6-9=s pure) 

a sealed quartz ampoule at 525’C for about 90 hours. The resulting glass was deep

red andj in 5O-mtl slices= was transparent. The Infrared spectrum of arsenic

trisutf[de Is watt known and agrees with that for the metertat prepared as described.

Glasses prepared from commercial arsenic trisu|fide were often opaque to the Infra-

red and ted to erratic copper sensors..Both effects were ascribed to residuat

metal Impurities In the starting materials.

To prepare the sensor, the crushed glass was mixed with the appropriate

amount of copper metalp cupric oxidej or cupric sulfide; then the material was



placed tn a quartz ampoule which was evacuatedw sealed, and placed in a furnace

for 70 hours at 700*C. The temperature was than reduced to 4gO’C for one hour,

and the ampoule was air-quenched to room temperature,

Electrodes were formed In the ntanner described.previously. 4 Host of the

measurements were taken with ohmic contact made directly to the sensor glass slice,

Entirely equivalent data were obtained when the membrane configuration was used,

t.e.j when the glass slice was used to separate the solution being studied from

an Internal solution of constant composition; electrical contact was made via a

commercial reference electrode placed In the internal solution.

Potentials were also ~easured as described. 4 An Orion Ag/A§~l reference e|ec-

trode was used tn the double-Junction mode to minimize contamination Of some test

solutions with halide fen. Standard copper solutions were prepared by dissolving

the appropriate copper salt In the following supporting electrolytes: (I) 1HKCI,

pH 2; (2) 3 ~ KClw pH 2; (3) I M KCl + 1 ~ HCl; (4) NaBr, pH 2; (5) O.l HKN0

pR 2; (6)) ~ sodium acetate, pH 4; (7) O.1H sodium acetate + 0.9 H 3, pH 4;
(8) 1H KSCN~ pH Z. No attempt was made to remove residual copper contamination

from the supporting electrolytes; tt was not necessary to deaerate the solutions.

The test solutions were not thermostated; the temperature coefficient remains

to be determined, In generalj three test electrodes were monitored simultaneously

to sort out spurious electrode effects and spurious solution effects. For stmpllc-

ity of presentation, the data from only one electrode ineach set are presented

here.

Unless otherwise specified, all r~asurements were taken in solutions stirred

with e paddle stirrer (Z75 rpm). Theconsequences of stirring will be discussed,

To obtain e reproducible surfaoo before each series of maasurementsj the ele¢-.

trodes were etched with IO~KOH, rinsed with the appropriate electrolyte, re-etched

and re-rinsed, The electrode was then equlllbrated~in I0 "l H cupric ton solution

for one hour before use, The chemistry Involved in this important activation step

wlll be discussed.
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Comparison measurements were also taken with co~rcially available copper-

sensitive electrodes, i,e. t the Coleman Copper Ion-Sensitive Electrode No. 3-804,

and the 0rion model 94-29A. The purpose here was not to criticize or evaluate

commercial electrodes per se, but to determine if significant differences in per-

formence existed relative to the copper - arsenic trisulfide electrodes.

B, Result~ and Discussion

Visual observation of the glasses indicated a heterogeneous mull(phase system

with crystalline metortal distributed randomly throughout an amorphous matrix.

The crystalline phases formed from glasses spiked with copper metal, cupric oxide,

and cupric sulfide were studied by metallographfc and x-ray diffraction techniques.

Semi-quantitative microprobe analysis of these phases indicated they were

copper-rich. Distance-concentration profiles taken across a precipitate indicated

that its arsenic content was below that of the adjacent matrix phase, hut that

its sulfur content was about equivalent to that of the matrix phase. The strongest

lines in all x-ray diffraction patterns were those ascribable to %innerite," a

recently reported mineral. 9’IO In no case was it possible to confirm the pres-

ence of copper metal, cupric sulfide, cuprous sulfide, or the oxides, even when

the initial source of copper was cupric sulfide or cupric oxide.

Sinner(re is reported to exist in two crysta|line modifications, cubic

Cu6As4$9 (3 Cu25 . 2 AszS3) and triclinic Cu6.3As4$9. Both modifications were
found in the me!t ~oi=taining 0.25 male fraction added copper.¯ At lower concen-

trations of copper, one or more of the other phase was found, rather than both.

To some extent this could be correlated with the preparative conditions, according

to the follc~ving argument. The initial precipitate which forms on quenching the

melt is the cubic phase and is metastable at room temperature. On standing,

copper slowly diffuses through the glass, Forming the more stab)e trtclinIc dis-

torted material near the Cu6.3As~9 composition, Indeed, the trlclinic |lnes

were visible primorily in the diffraction patterns of the oldest samples and

in the slow-cooled samples. The optical micrographs were consistent with such

a crystal growth mechanism, in that a long (> 18 hour) reaction time at 5SO’C

gave needle-like dendritic growth~ while the sly-cooled sample gave large crystals.



Resistivity measurements (dc) were taken as described previously, 4 i,e,j

with O.I to 0.2 cm thick slices onto which gold had been’evaporated. As shown

in Table Vl, resistivity decreased with increasing additions of copper. The same

effect was obtained regardless of the form of the initially added copper, This

is consistent with the x-ray data that the crystalline and conductive material

formed in the melt is independent of the starting copper compound,

~ABLE VI

Resistivities of Copper - Arsenic TrlsutfJde Giassn¢

Hole Fraction
Copper Resistivity (~ cm)

~uO Added~ Cu Added

0,05 3 x 108 to 6 x 1010 ---

0.10 3 x 106 to3 x 108 2 x 107 to 4.3 x 107

0,15 4x Io3 to I x 106 4.1 x 10 to 4x 104

0.20 1 x 102 to 8 x 103 hx 102 to 3 x 103

0,25 ~ to 50 6~ to 69

0.30 -- 36 to 37

The primary conclusion to be drawn from the data of Table VI is that the con-

ductJ~ty of the high copper-content glasses is sufficient In itself for stable

electrochemical operation and that the addition of conductive binders is not

necessary.

The spread in the data represents the spread: in resistlvities for different

slices taken from the same melt. Obviously, the slices are also heterogeneous

; along the length of the melt as well as along the surface of a slice. Note. hc~vever,

that this variation in resistivity decreases as the copper content of the melt is

increased above mole fraction O.2j as wou]d be expected if the conductivity were

due primarily to the crystalline phase.
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A rigorous correlation of electrode performance wlth e~ectrode cen~osltion

or physical properties was not attempted. It was generally observed, however0

that electrodes containing a mole fraction of copper at or less than 0.2 were less

sensitive and shorter-lived than e]¢otrodos containing larger amounts of copper.

Unless otherwise noted, all data presented In this discussion were taken with elec-

trodes containin90.25 mote percent copper.

The first series of electrochemical measurements described are those taken

with 0.1M KNO3 as the supporting o|ectrolyte. Co~nplex Ion formation ts mlnimelp7

and soluSle cuprous species are unstable.

Figure 3 shows the potential-concentration relationships for an electrode

operated in the following manner. The electrode was first etched and then placed

directly into 10-6 M cupric ni-tfate~ followed by solutions of increasing copper

ion concentration. Exposure times were ten minutes each| potentials were steady

to within 2 r~//min. After exposure to 10-2 ~ Cu+2, the electrode was exposed to

decreasing concentrations of copper (in order-of-magnitude changes) to -6 M,

and then to Increasing concentrations to 10"l Me After thirty minutes at this

concentrationm the copper content was decreased incrementally to I0 "6 M and

increased InerementaI|y to 10"l M.

The slope of the first of these potential-concentration curves ts super-NernstJanj

i.e., with a slope greater than 30. mV/decade; the return to lower concentrations

gave a s|ope of less than 30 mV/decade. On subsequentTy Increasing concentration,

Nernstlen behavior was observed from 10"4 to 10"2 ~; the potential at IO’2.K

showed a slow but real drift to more positive values; the potential change between

lO"2 and 10"1 was 60 mV. The next cycle between ]0 "1 and 10-6 M Cu+2 sh~ed no

hysteresis of the type described and showed NernstJan behavior from 10"2 and

10"5 M copper. ¯Such measurements form the basis for the activation procedure

doscrIbed~ Ioe.~ to obtain a stable~ reproduciblep and reversible sensor, the

freshly etched electrode must First be exposed to high concentrations of cupric

ion.

The ttme for activation tn I0 "l M cupric nitrate was evaluated by measuring

the potentia|-¢oncentration dependencies after the electrodes were etched and
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equilibrated separately for periods of 45 minutes, one hour, 2.5 hoers, end ever-

night. There was little difference in the slopes of the response curves end the

sensitivity, although, as exposure time was increased, the slopes were always dis-

placed to higher potentials, There was also considerable hysteresis after the

electrode ha~ be~n equilibrated in 10"I H cupric nitrate for more than 2.5 hours,

between the first exposures of the electrode from 10"l to lO"6 H cupric nitrate

relative to subsequent cycles in concentration between these limits.

Figure 4 shows the concentration-potential relationships determined in nitrate

solutions for e properly activated electrode, Included for comparison are the

performances of the con~ercial electrodes. Below 10-2 H copper, the Orion elec-

trode and the copper-arsenic sulfide electrodes were essentially identical in per-

formence, with Nernstien slopes of 31 end Z7 ~V/decade, respectively. Above 10-2

copper, the copper - arsenic trlsulfide electrode showed a slight super-Nernstian

response. Below l0 "~ H copper, this particular Coleman electrode showed llttle

sensitivity to chengln9 copper ion concentration; above lO"~ H copper the two

commercial electrodes were essentially ldentlcal in response,

Response times for all electrodes were good, e,g., at 10-5 H copper, steady

state was achieved within one to three minutes; here, steady state is defined as

a potential that is stable to less than one mlllivolt drift in three minutes.

The three electrodes showed little dependence on stirring. For example, two

minutes after stirring of the 10"2M copper solution was terminated, the potentlels

of the Cu-AszS3, Orion, and Coleman electrodes decreased by l,gt I.ap and 0,2 mV

respectively,

The effec~ of pH on sensor response is shown in Figure 5. In the absence of

Cu+2, the electrode Is pH-sensitive, probably due to some adsorption or reaction

of the surface with hydroxyl ion. However, in the presence of cupric ton, the

electrode response is independent of pH until cupric hydroxide begins to precipi-

tate. Even as this takes place, the electrode potential follows the remaining copper

in solution until the detection limit of the electrode is reached. The data show~

were for an electrode prepared from CuO; identical results were obtained for an elec-

trode prepared from copper metal, as would be expected in view of the x-ray studies

described above.
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Responses of the Cu-As2S3 electrodes In the acetate solutions are summarized

In Figure 6, Included for comparison is a response curve for the e]ectrode in

O.l ~ nitrate. Frier to each run the e|ectrode was etched end activated to remove

possible complications from prior history.

At and below 10.3 H added copper the slopes of the curves were basically

Identical with slopes of approximately 30 nN/decede. The curves did shift to

lower potentials with Increasing acetate concentration at a fixed added concentra-

tion of copper. Qualitatively this Is consistent with the argument that the elec-

trode responds to uncomplexed cupric ion which decreases in concentration as

acetate Increases. 7 The tailing off of the response curve tn 1H acetate is also

consistent With this ~xplanatI~n~ The slight non-Nernstian Increase tn potential

at the high copper Ion concentrations Is due to exceeding the complexing capacity

of the O,l ~acetate electrolyte. A rigorous calculation of the shifts In poten-

tial with changing acetate concentration Was not donee due to the arbitrary shifts

In E of the electrodes by virtue of the re-etching procedure followed between
O

each series of concentration measurements,

An attempt was made to operate the electrodes in solutions of thLocyanate,

which forms a different distribution of complex ions with cupric copper.

Unfortunately1 the solutions were unstable with time; potential changes of the

order of 65 n~/ were observed between 10"3 and 10"4H copper for freshly prepared

thlocyanate solutions. .._

Halide-containing solutions were considered next. Not only do a ver|ety of

cupric’containing complex Ions exist, but cuprous species are also stable In high

concentrations.

Copper - arsenic trIsulfide electrodes operated In these solutions also required

a similar activation step before stable Nernstian response could be obtained.

There was litt|e difference between electrodes equilibrated for one hour and those

equilibrated for five hours. E~ectrodes equilibrated overnight in 10"l M cupric

chloride solutions (1N KCl, pH 2) were less sensitive tolchanges in cupric ion

concentration a~: and below 10-5 H. After the 40-hour exposure, all electrodes

showed a significant loss in activity below 10"4M copper, l.e.~ a lowering In

sensitivity to changes in cupric i~n concentrationo
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Figure 6 Responses for a Cu-As2S 3 Electrode tn Nitrate Solution, tn O. I H Sodium Acetate
Solution, and tn 1.0 H Sodium Acetate Solutions



Figure 7 shows the steady-state responses to varytn~ cupric ion concentrations
in I M KCI for a copper - arsenic trtsulfide electrode and, for compavison~ for

an Orion and a Coleman electrode. The copper - arsenic tvisulfidc electrode showed

Nernstian behavior over the range oE 10-5 to 10-2 H copper, but with a slope of

h9 ¯ 2 nN/decade, rather than 30 ni~/decade. The Nernstian slope for the Coleman

electrode was 55 n~//decade from ~0l~ tO ~0 I1 ~ cupric Ion; the potentials oscillated

¯ 2 r~ at steady state. The Orion electrode demonstrated a saturation effect at

high copper concentrations in this high chloride ion containing solution¯ This

was predicted by the operations manual supplied with the electrode and is apparently

due to the reectionll: Ag2S + Cu+2+ 2 CI" = 2 AgC] +Cu$. Between ]0 "6 and 10"4

copper, the potential change of the Orion electrode was 50 mV per decade rather

then 30 n~/ as predicted by the operations manual. Experiments with other Orion

electrodes gave slopes in the h5 to 50 n~/ range, Thus, the performance of these

electrodes at high chloride ion concentrations is more complicated than predicted

from the standard solubility product mechanism.

Unlike th~r performances tn nitrate solutions, all electrodes showed a

stirring dependence when operated in 1H KCl and 1MNaBr solutions. For example,

the copper - arsenic trlsulfide electrodes generally showed a drop in potential

of 30 mV after stirring wa~ stopped in the 10"l ~ copper chloride solution; smaller

changes were observed at the lower copper-containing solutions, e.g., 15 mV at

10-4 M cupric Ion. This stirring dependence also varied from electrode to elec-

trodej In the best case being only IO n~/2 minutes at 10"1 ~ cupric chloride end

3.3 rd//2 minutes at IO"3 M. However, these electrodes were less sensitive to changes

In cupric Ion concentration at low levels of copper (I.e.~ 10"SM~ not 10"1 ~.

A tentative explanation for this stirring dependence is given below. No correlation

of potential with stirring rate was made.

The Coleman electrode showed a stirring effect of the same magnitude, but

in the opposite direction; i.e.~ the potential increased after the stirring was

shut off. One of a set of three Orion electrodes was very stable to stirring.

A potential increase of 2 mV in two minutes was found at 10-5 ~ cupric chloride.

However, two other electrodes showed stirring dependencies stmi]ar to those found

~[th the Colc~n electrode.
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The Cu-As2S3 electrodes were also run in a supporting electrolyte of 1
KCI + 1 ~ HCI to permit direct comparison with data published for pure cuprtc sul-

fide electrodes, IZ The Cu-As2S3 electrode generated a Nernsttan resgonse of 47 ~/

decade; the Cu$ electrode described in Reference 12 had responded with a slope of

29 mV/decade for changing cupric ion concentrations in the s~ne supporting elec-

trolyte,

Since the slopes observed in I H chloride were approximately double those

observed in nitrate and in acetate, a study was made on the effect of chloride ion

concentration on electrode response, Accordinglyt electrodes were exposed to

varying copper concentrations in supporting electrolytes of 3 ~ KCl, 1H KCl and

0.1 ~KCI + 0.9 ~KN03i pH was maintained at 2 tn all cases.

Within the accuracy of the experiments, the Nernstien slopes in the 3 ~ and

the I H KC1 were identical, In all cases the slope for the 0.1M KCl solution

was Iowerm approximately hO mV/decade. The actual potentials measured in the

3 ~KCT were about SO r~/ higher than those measured in I ~KCl. The differences

in slope in relation to the O,1H KC] solutlo~.ware maintained over the concen-

tration range of I0 "1 to I0 "SH cupric chloride, It was not possible to correlate

these slopes with the variations in concentration of uncomplexed Cu+2 or CuC1+.

An evaluation was made of the electrode properties in bromide solution, which

has a different distribution of complex ions with cupric copper13 and in which

cuprous copper is still stable. 13 The electrodes were etched, stored overnight

tn cupric nitrate solution, and exposed to varying cupric ion concentrations in

1H NaBr and in 1 ~KC1, In all cases the potential-concentration slope appeared

to be slightly higher in bromide than in chloridet by about 2 mV; however, this

Is well within the accuracy of the data, so it can only be safely concluded that

the Nernstian responses in bromide and in chloride are essentially the same.

~n all cases the actual potentials of the bromide solutions were higher than those

in the chtorlde solutions. The consistency of the~.results from electrode to

electrode prohlblts explanatlons In terms of vagarles In the electrode surfaces.

Stlrring dependencles were also observed In bromlde alectrolytesl agaln, these

were sllghtly greater than In chloride solutlons of the same added copper concen-

tratlon. According to Reference 7. the copper-bromide complexes are weaker than
&
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the copper-chloride complexes, so that at any given total added copper the available

cuprlc ion concentration will be greater in bromide and could~ at least In pert,

account For the differences observedp assuming that the electrode responds only

to uncomplexed cupric Ion.

The response of the copper - arsenic trfsulfide electrode to other soluble

Ionic species was evaluated. Univalent Ions such as Na+~ K+~ and H+ do not give

a response in the presence of cupric ion other than via ionic strength effects.

Some interference results when excessive amounts of Ferric Ion are present.

This ls illustrated In Figure 8o Each plot represents the response of a Cu-As2S3
¯ electrode tr~ersed in solutions of constant Ferric ion concentration| but with

varying cupric fon concentrations, These curves Indicate that the ferric Ion must

be at least ten times greater than the cupric Ion concentration before significant

Interference ts observed. Tests with other electrodes of approximately the same

composition Indicated that the ferric ion content must be at least 100 times the

cupric ion concentration to cause a significant interference.

The response of the sensor to other ions Is shown in Figure 9. A 10-3

cupric nitrate solution was used as test. Varying amounts of calcium, nicke|j and

Ferrous ton were added. The results indicate no Interference due to either calcium

or nicke|. The effect of Ferrous ion suggests a titration curve whereby cupric

ion is reduced and Ferric ion Is generated, There are also no interferences from

Pb+2, Hn+2, or Zn+2. Interference was Found with silver ion,

The sensitlvityt selectivity, and performance properties previously described

are all satisfactory For the use of the copper - arsenic trisulftde glass electrodes

as cupric ion sensors. It Is also apparent that the behavior characteristics of

these electrodes are not consistent with the usual solubility product type of ion-

sensing formalism. A series of experiments was carried out in an attempt to

clarify the mechanism operating For the copper - arsenic trIsulftde electrodes.

The First Feature consIdered~ then, Is the electrode-activating mechanism,

I.e., the mechanism by which a Freshly etched electrode surface most First be

exposed to high concentrations of cupric ton before stable NernstJen responses can

be obtained. Exposures of the electrode to 10"1MCu+2 solutions obviously presents

the electrode with a ht9h concentration of cupric ion, but tt also presents the
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electrode with a high positive potentials which might oxidize the electrode sur-

face,

To determine the relative tr~ortance of these two factors, the following

experiment was carried out. Electrodes were freshly etched and then potentiostated

at the potential of IO"l K CuCI2~ but in the absence of cupric ion. All other

components of the solution ware identical to those used In the chemical activation

procedure, i.e., 1 ~ Eel, pH 2. An anodic current, independent of stirring, was

observed, so that chemical oxidation must take place during the activation

procedure. After the anodtc current had decreased to zero ~less than 1 ~A) the

electrode was exposed to IO"6 ~ cupric chloride and to incrementally increasing

copper concentrations in the usual manner used to test the electrodes. The

nature of the response was similar to that shown in Figure 3, i,e., super-Nernsttan

responses until high cupric ion concentrations were reached. Thus, a high poten-

tial alone is not sufficient to activate the electrode surface.

It is not difficult to understand a chemical oxidation-activation mechanism

occurring in chloride solution where cuprous ion, the necessary soluble react£on

product, is chemically stable. However, the same chemical activation process

takes place in nitrate solution where cuprous Ion is unstable according to the

reaction~

2 Cu+ " Cu + Cu+z

The equilibrium constant ]5 for the concentration of cuprous ion according to the

above disproportionation reaction is 2,5 x 10-4 H in IO"l H cupric chloride. In

the solutions used, approximately 2.5 amp sac of charge would pass before this con-

central|on was exceeded and copper metal was formed. Since this Is in excess of

the total charge passed during the potentiostatic oxidation of the electrode, It

is possible~ even in nitrate solution, for the cupric ion to oxidize the electrode

end produce cuprous ion in solution.

The potentlostaticalIy oxidized surface still demonstrated super-Nernstlan

behavior, which is indicative of more than a one or two electron process; that

is, it indicates further Interaction of the electrode surface with cupric ion in

solution to generate the copper-sensing surface. This chemical interaction between

cupric lon and the electrode, surface could take a variety of forms, such as rum-



pound formation to generate the active sites, or irreversible reaction with

strongly adsorbing sites~ or both. In any event, this final surface then cor~es

Into reversible equil;brtumwith the cupric ion content of the electrolytes,

providing Nernstian slopes.

A fundamental difference in thts sensing mechanism must rest between halide

solutions and nitrate solutions, since the Nernstien slopes in halides are a

nominal 50 mV/decade and a nominal 30 mV/decade ]n nitrate, Furthermore~ there

is some dependence of slope on the halide concentration. A major difference in

the chemistry of these solutions is the increased stabttiW of cuprous ion in

halide electrolytes.

The response of the electrode to cuprous ion was therefore considered.

Electrodes were etched and actlvated as described. Activity was confirmed by

exposure to solutions of varying cupric ion concentration in 1HKCI. The elec-

trodes were then washed with supporting electrolyte and exposed to solutions of
cuprous chloride in the same electrolyte. Electrode potential readings were

somewhat erratic, but were always less then that expected from 10"6 ~ cupric

chloride. It must therefore be concluded, particularly when considering the

difficulties in preventing cuprous ch]orlde from alr-oxidlzing to cupric chloride.

that the response of the electrode to Cu+ species is minor. Copper powder had

been included in the nitrogen-purged solutions to remove cupric ionlZ; some

corrosion took place, and eventually= the solubility product of CuCl was exceeded,

This, then, precludes any "solubility product sensing mechanism" involving

the participation of sulfide ion in solution. Cuprous sulfide, like silver sulfide,

is highly insoluble and should have given rise to a potential shift equivalent

to a high cupric ion concentration (low sulfide ion).

The electrode was then washed with supporting electrolyte and exposed to

10-4 H Cue12 in I M KCl. increments of cuprous chloride were added to determine

whether the electrQde responds to the cupric/cuprous couple, As potentials were

recorded, there was some drift upward as, apparently; the cuprous ion was slowly

oxidized by air. The data obtained are shown In Table Vii. Similar results were

obtained when th~ starting cupric ion concentration was 10"3 M.
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TABLE VII

Potential Response vs Cuprous Chloride Concentration

(Original solution: 100 ml of 10"4 Cu÷2

in 1 M KCl)

Molar Ratio

(cu+Z/cu+)
Electrode Potential

= / 1 287.8

100/ 1 278.9

101 1 248.1

0.91 1 230.8

Obviously, cuprous copper suppressed the potential normally generated by a

fixed amount of cupric ton. The depression Increased as cuprous ton concentration

increased, but not In a well-defined manner and not to the extent expected from

the cuprous/cupric couple (59 mY/decade).

This depression may afford a pragmatic explanation for the stirring depen-

dencies observed with the copper - arsenic trisulfide electrodes tn halide solution.

It can be argued that a reduced matertal~ presumably cuprous Ion, dissolves slowly

off the electrode surface and reacts with cupric ion, thus depressing the amount

of cupric ton In the vicinity of the electrode and hence depressing the electrode

potentlal. If cupric ton dissolved off, the electrode potential would have

Increased. When stirring takes place, the cuprous copper ts swept away from the

electrode vicinity, and the potential takes on a value more characteristic of

the cupric Ion tn solution. The amounts of cuprous ion are sufficiently small,

however~ to prevent any easily detectable Increase In total copper ion concen-

tration In the test solution. Consistent with this dissolution meehanism Is the

observation that the electrodes that demonstrated the most pronounced stirring

dependence were also the most pitted after prolonged use.

It Is necessary, In using thls explanation, to account for the chemistry

of a reaction between cuprous and cupric copper in solution. It has been shown
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by optical absorption spectroscepylh that ¯ weakj but well-defined, complex exists

In solution between cuprous and cupric chlorides in the range of chloride concen-

tration used In the electrode studies. Thus, cuprous copper may well dissolve off

the electrode, complex the cupric copper in the vicinity of the electrode, and

thus lower the available concentration of cupric copper at the electrode surface.

As a result, potential falls.

More dlrect evidence fer cuprous ion dissolution from electrodes in halide

solution was obtained as follows. A copper - arsenic trisulfida electrode was

etched~ activated In 10"1Mcuprtc nitrate, and transferred to a deaeratad

solution of 10-3 Mcuprtc chloride, A platinum screen electrode was then placed

about the copper electrode, In the absence of the copper eleetrode~ the potential

of the platinum electrode was relatively stable at about +430 mV. The potentials

of both electrodes (vs an Orion double-Junction reference electrode) after Inser-

tion of the copper electrode are shown in fi9ura lO. The potentials of the

platinum electrode were well poised; l.e.p they showed no oscillations and con-

tinuously drifted to more negative values. The drift rate at steady state

(after 60 minutes) was 4.3 mV/hr. Thus, a reduced species, presumably cuprous

Ion, is indeed dissolving off the electrode surface. The solution was then

changed to 10-bM cupric chloride. The final drift rate of the platinum electrode

was 1.8 nN/hour. Thereforej the cuprous ion dissolution rate is approximately pro-

portlonal to the cupric ton concentration,

This proportionality was checked by direct chemical analysis of the solution.

Since the copper concentration changes Involved are small and hence difficult

to detect in the presence of the higher ambient concentrationsp analysis was made

for arsenic. The results are shown tn Table VllI,

There can be little doubt that the electrodes are more soluble in chloride

than in nitrate, and that the solubility is ht9her in the presence of hi9h cupric

ion conca’ntrattons. All this is consistent with the stirring dependencies

discussed previously.

The next question Is whether this soluble, reduoed materiel (presur~ably

cuprous Ion) is involved in the cupric Ion sensing mechanism, or whether this
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TABLE VI~!

Arsenic Contents of Equilibration 5olutlon~

Solutloh Arsenic Concentration

(ppbl

10"1 ~ KNO3 < 10

10"1H KNO3 + 10"2 H Cu+2 < I0

I KC] 35

1 ~ KC1 + 10"4 ~ Cu+2 ~5

I H KCI + 10"2 ~ Cu+2 65

dissolution reaction Is merely incidental, Freshly etched electrodes were poten-

tiostated at increasingly positive potent]als (in 1 HNaBrw pH 2) to oxidize the

electrode surfaces more completely, then equilibrated in 10"] H cupric nitrate

and exposed to solutions of I H NaBr~ pH 2, varying in cupric Ion content. The

results are shown In Figure 11. The responses of a chemically activated electrode

are included ~or comparison.

The behavior of the chemical|y activated electrode and the electrode poten-

tiostated at +600 mv are essentially identical, ’The effect of higher potentials

is obvious: as potential is made more positive, the subsequent sensitivity oF the

electrode to changes in copper concentration below 10-4 H decreases, It was also

observed that electrodes exposed to +1200 mVwould oscillate ~4mV when subsequently

equilibrated wIth copper halide solutions. The stirring dependences decreased

when increasing potential was applied to the e]ectrode. Note, howeverj that

sensitivity to low levels of copper concentration decreases at the same time,

This is similar to observations made earlier, that electrodes with lower stirring

dependencies also had lower sensitivities. App]ication of high potential to such

electrodes completely deactivated them, It Js thus apparent that the reduced

material is involved in the potential sensing mechanism,
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As indicated previously, the electrode is at least a two-phase systems

crystalline sinnerite embedded in an amorphous phase, The participation of the

amorphous phase in the sensing process was evaluated by comparin9 the performances

of pure sinnerite electrodes with those of CUo.25(As2S3)o.75 electrodes.

Accordtngly~ samples of sinner/re material were compounded by mixing Cu2S and

As2S3 in a mole ratio of 3:2. The mixture was placed in an ampoule, evacuated,
sealedp and heated to 700"C for one hour, The temperature was then lowered to

500"C for one hour and finally raised to 550"C and maintained at this temperature

for 90 houi’s. The resulting sample was air-quenched to room temperature. Resis-

tivity as measured on two slices was 3.04 and 3.22 ~ cm, indicating that the

sinnerite is indeed a conducting material. Three sinnerite electrodes were

prepared from this material.

The electrodes were etched, stored overnight in 10-3 M cupric nitrate, and

exposed to cupric nitrate solutions over the range of 10"3 to 10"6~, A Nernstian

slope of 30 mV/deeade was obtained. The experiment was repeated in 1H KCL over
-I -6 . -

the range lO to lO M CuCl~. A Nernstzan slope of approximately 55 mV/decade

was obtained between l0 "l and=10"3 M cupric chloride. However, between lO-4M

and 10"6M Cut12 the response was super-Nernstian, of the order of 100 mV/decade.

The electrodes a]so showed a greater stirring dependence at and below 10"44’

These responses in nitrate (between 10-3 and 10"6 H_) and in chloride solutions

(at end above 10-3 ~ Cut12) are equivalent to those for the two-phase systemp so

it can be concluded that the amorphous phase is not involved in the potential

sensing per see or that its role is entirely equivalent to that of th e sinnerlte.

This is consistent with the observations that all the copper - arsenic trisulfide

electrodes behaved in an equivalent manner, regardless of the initial chemical

form of the copper put into the malt, Since the crystalline phase was always

sinnerite~ the amorphous phase must have differed in composition. If it were

involved, then tt would have been expected thut the electrode behavior would also

have differed with the form of the initial copper.

The abnormal behavior of the sinnerlte electrodes at low concentrations’of

cupric chloride was similar in form to that obtained for Cu0.25(As2S3)O.75 electrodes



exposed to varying Cu+2/Cu+ reties. This performance can be ratinnalized in terms

of the sJnnerite electrode depositing abnormally high concentrations of cuprous

ion in the vicinity of the electrode and reaching cencentration ratios where the

cuprous ion exerts a significant effect on observed electrode potential. Further=

more, the pronounced higher stirring dependence for the sinnerite electrodes is

what would be expected from the dissolution of greater quantities of cuprous ion.

The conclusions of these semiquantitative mechanistic studies can be summarized

by the following formalism. The active electrode ro~teriel (Cu6As4Sg) is first
oxidized by cupric ion; potentiostated sinnerite developed a high Initial anodic

current

Cu6AsgS9 + Cu+2 -~ (oxidized surface) + Cu+o (1)

This exidtzed surface then reacts chemically with cupric ion to form the active

sites, which come into equilibrium with the cupric ion concentration of the test

solutions, i,e, ~,

(oxidized surface) + +z -~(ac tive sit e) (2)

(active site) + +2 = (active site) (CU)ads + 2e-. (})
t

A second and irreversible process such as reaction (;!) is required to account

for the super-Nernstian slope observed only ~nitta|ly w|th oxidized electrodes.

It is envisioned that as the sites are formed, they znt.ract with cupric ion

according to reaction (3),

It tS postulated that this active copper site with adsorbed copper dissolves

in halide solution to inject cuprous ion (or some other reduced species which can

o~.lp|ex Co+2) into the electrolyte, The partioipatfen of this site is indicated

by ~the Inverse proportionality between cupric ion concentration and electrode

selubility, Some soluble arsenic~ a sulfur-arsen[~ residue, and son~z fresh

s|nnerite surface must a|so form durln9 this dissolution process,

(active site)(CU)ads + C|- ~ (Curl)so I + (AszS3)residue + Cu6As4$9. (4)

The involvement of ch]oride ion in this reaction, due to its stabilizing Influence

on cuprous ienj acceunts for the slight dependence of the Nernstian slope on the

chloride ion concentrationo The sinnerite ~o exposed ten then proceed through the

reactions illustrated by Equations (1) and (2). Since at least on~ of these
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involves electron transfer~ a slope greater than 30 ~V/decade ls obtained. The

extent of this reaction is dependent on cupric ion concentration via the partici-

pation of the adsorbed copper sites in reaction (4) j so that the overall response

of the electrode is dependent on cupric ton concentration of the solution.

Reaction (4) should lead to an eventual deactivation of the electrode In chloride

Ion solutions via the accumulation of the residue; this is Indeed observed.

FurthermoreD this deactivation should be less important in nitrate solution due

to lower solubility; this ts also observed. By the law of mass action It would

be expected from Equation (3) that deactivation should take the form of lowering

sensitivity to low concentrations of cupric ion; this is also observed.

C, Sumary

Fusing arsenic trtsulfide with copper, cupric oxide, or cupric sulfide

generates an e]ectronica]ly conductive g]ass which Js sensitive to changes in

cupric Ion concentration over the ranges of at least IO"l to ~O"6 M copper in

molar solutions of chloride, bromide, nitrate, and acetate. Co~rcially available

electrodes do not respond to greater than part-per-million Cu+2 when the electro]yte

contains greater than about 0.I H halide {chloride). The electrochemically active

component of the Cu-As~3 glass is apparently "sinnerite" (Cu6As4Sg). Stable,

Nernstian responses were obtained only after the electrode surface was etched in

caustic and equilibrated with high (> lO-3 ~) concentrations of cupric ton; exces-

sive oxidation of the surface (>÷600 mV vs Ag/AgC]) decreased electrode sensitivity

to low levels of copper Ion concentration.

In the presence of cupric Ions, the electrode response yes Independent of

hydrogen ion concentration from pH 2 to e value at which copper hydroxide preci-

pitation takes place. Even as copper precipitated, the electrode potential followed

the remaining copper in solution until the ]Imtt of detection of the e]eetrode

was reached.

In nitrate and acetate solutions the slopes of the potentlal-]og concentra-

tion plots were 29 mV/decade; for the ID 2, and 3 ~ chloride and bromide solutions

the slopes were 50 r~//decade~ the slope In O,1M KCI was 40 mV/decade.

The response of the copper - arsenic trJsulfide electrodes was independent

of stirring In the nitrate and acetate electro|ytes. Howeverp in chloride and In



bromide solutlons~ stirring led to an increase In electrode potential° Stirring

dependencies were also found for the commercial electrodes studied, but In the

opposite d(rect{on.

The copper - arsenic trtsulftde electrodes did not respond to cuprous copper,

per so, or to the Cu+2/Cu+ couple, No Interference was found from Ca+2~ pb+2~

Zn+2, NI÷2~ or Mn÷2, Ferric ionp when present in a tenfold excess, interferes

A9+ else Interferes,

~ualitative studies of the electrode activation process Indicated that direct

oxidation of the surface by cupric ton takes place first, followed by two or more

chemical reactions between cupric ion in solution and this oxidized surface. It

is this final surface configuration that Is Involved In cupric Ion sensing,

In halide solution cuprous |ons (or some other reduced specles) dissolve off

the electrode surface~ exposing fresh stnnerltoj the original starting surface.

This material then proceeds through the activation steps describedj leading to a

mixed electrode potential, Since the extent of dissolution ts proportional to

cupric ion concentration, the net electrode response is proportional to euprtc

ion concentration, Since halide Ion ts Involved In the dissolution process as well~

vta Its stabilizing influence on cuprous ion, there Is a dependence of NernstJan

slope on halide ton concentration. At high concentrations of cuprous ion In the

electrode surface~ t.e.j for pure sJnnerIte electrodes, severe departures from

Nernsttan behavior are observed at low cupric ion concentrations. This Is ascribed

to complex ton formation In the vtcinlt~, of the electrode surface between this

cuprous copper~ cupric capper~ and ch|orIde Ion,
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IV. $04

A. Introduction

Although ion selective electrodes are available for direct monitoring of the

concentrations of many ions in aqueous and nonaqueous solutions, development of an

electrode that is responsive directly to sulfate ion has proved difficult. Barium

sulfate impregnated membrane electrodes have been suggested,15 although there is

some doubt regarding their eventual practtcalttyl6; chloride tonp a ubiquitous

impurity in most waters, interferes when present above 10-3 4. 17 A lead ion selective

electrode has been used in the indirect sensing of sulfate via a potenttometric

titration of sulfate with Pb (C104)918; dioxane is added to suppress f;he solubility

to lead sulfate. £u+2, Hg+2, Ag+l,’and tenfold excesses of chloride, nitrate, and

bicarbonate are reported to interfere.

Previous reports 1"3 during this contract have described various attempts to

produce sensors which directly measure SO4 concentration, but very limited success
has been achieved. HOWever, a successful sensor system based on an indirect sulfate

electrode has resulted from this investigation.

The system [fully described in Analytical Chemistry44, 2373 (1972)] is based

on the ferric ion/sulfate complex equilibria and is free of many of the restric-

tions mentioned above. This discussion of the indirect SO/f-- sensor is presented

for completeness of this report.

It has been shown4 that electrodes formed from Fe-l173 glass (Ge28Sb12Se60)

have a Nernstian response to ferric iron in nitrate and in dilute chloride solu-

tions, but are non-Nernstian in sulfate solutions, i.e., a medium in which moderately
strong iron complex ions are Formed (see Table IX). Since the extent of sulfate-

iron complex formation depends on total soluble Ferric iron, pH, and total sulfate,

a relationship should exist between measured potential and sulfate concentration

at fixed pH and fixed total soluble iron. Additional evidence to support the

contention that this electrode material responds only to free| hydrated Fe+3 was

obtained by adding oxalate ion to a solution containing Fe+3 and observing that the

5O



potential decreases instantly, lndlcat|ng e sharp reduction of Fe+3 concentration.4

Similarly, tn the pH range of I to 4 in the absence of Fe+3 the electrode shows

very little or no response to changing pHI however, In the presence of Fe~3, varying

the pH results in considerable variation in potential respons6, Indicating a decrease

in Fe+3 with an increase in pH, This can also be attributed to complex formation

between OH- and Fe+3.

Table %X

Log Equilibrium Constants7 for Fe+3t OH"r and SOtl~ Specfen

Ion Constant Value
+4

Fe2(OH)z K2Z -2.91

FE(OH)÷2 Kll -3.05

Fe(OH)~ KI2 -6.3I

FeSO~ BI +2.3l

Fe(s%); B2 *2.62

HS04 KOO +2.00

L

Ferric iron also forms complex tons with nitrate and with chloride fans.

However, these are substantially weaker than the sulfate complexes; little |n the

way of strong polynuclear complexes have been reported for ferric iron tn sulfate,

chloride and nitrate media.7 Thus, in a solution containing a fixed excess of

chloride or nitrate ion~ the relative concentration of free ferric Ion ts independent

of the total soluble iron, and there is no significant deviation from ltnearlty of

the potential-log concentration plot.
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e. Experimental

i. Apparatus

The general properties end preparation of the Fe-1173 glass have been described

previously, 4 Potentials (vs a Ag/AgCI reference electrode) were read out on 

Hewlett-Packerd 3~40A digital voltmeter; impedance matching was provided by a

Ketthley Model 610C electrometer.

2. Reaqants

The sulfuric acid stock solution was standardized as 0.4960 Mwithsodium

hydroxide, which, in turn, was standardized against potassium acld phthalate. Sulfate

solutions for analysis via the subject method were prepared by dilution with the

appropriate electrolyte, p~ was adjusted to 2.~ ¯ O,i i~dlately before titration.

The barium qhloride titrant was standardized as 0.2054~with EDTA which, in turn,

~as standardized against calcium carbonate.

Sample volume was a nominal 100 mls except for the 476 and 119 ppm sulfate

samples, for which the volume was increased to 200 ml, Rapid stirring was main-

rained with a magnetic stirrer,

3, Procedure

To form the sensor, slices of the glass were cemented to the end of an acrylic

tube. After the electrodes were mechanically polished, they were activated by

rinsing themwith 1N NaOH, wiping, rinsing with distilled water, and finally exposing

them to 10"1H ferric nitrate solution at pH 1.6 for 30 minutes. Electrodes were

reactivated in the same manner, about every two weeks. The inner solution between

the glass membrane and the Ag/AgC1 reference electrode was kept constant at 10"3

Fe(N03)3 in iO"1 ~ ~NO3. The sensor electrode-titration ceil can thus be represented

as follows:

AglAgClfx M SO~=, IO"3 ~ Fe(NO3)31Fe-1173 glassl0, i M KNO3, 10"3 M Fe(N03)3IAgCIIAg,

Computations of the free ferric ion concentration as a function of sulfate

concentration and pH were made in terms of the ionic species and equilibrium
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constants shown in Table IX. These equilibria were co~ined with mess balance

equations on total iron and total sulfate, and the set of equations was solved on

a computer by an tterative procedure. Input consisted of total added iron, total

added sulfate, and pH; output consisted of.the computed ferric ion concentration

plus the concentrations of the species listed in Table IX.

The concentration ranges cortsidered were IO"1 to ]0"6 H Fe and sulfate, pH

0.6 to pH 3. The lower limit for ferric iron is set by the electrode sensitivity;

the upper limit is set by the so]ubility of Fe(OH)3. In spite of the low pH, it

had proved necessary to consider the Fe+3/OH" complexes, HS04 was also considered,

since hydrogen ions, in effect, compete with the ferric iron for the free sulfate,

C. Results and Discussion

The first point to be established was whether the Fe-l173 electrode indeed

responded solely to uncomplexed ferric ion, or whether some response was also

obtained from the ferric iron-sulfate complexes. Figure 12 shows the potential

responses for two sensors at fixed sulfate concentration and pH, (a) against total

iron present (open points); and (b) against the computed, uncomplexed Ferric 

The potential - total iron plots have average slopes of 71 and 7Z mV/decade and

sho~ distinct curvature at high iron concentrations. The potential vs free ferric

ion plots show no curvature and have slopes of 64.5 ± 2.1 mY (electrode 14-3) and

63.4 ± 1.4 mV (electrode 14-4). These latter slopes closely approximate those

observed tn nitrate solutions 4 for which complex formation is minor.7

Figure 13 compares the computed and observed electrode response for one set of

solutions at fixed pH (1.6) and fixed total iron (10"3 ~ fe), but variable sulfate

concentration. The computed electrode potentials were derived from the computed

Fe+3 concentrations and Figure 12. [A plot directly against log (Fe+3) would have

given a curve of the same form,] ~t is apparent that the measured and computed

dependencies of potential on sulfate concentration are essentially identical;

the absolute values of potential are of little concern here, being related to

vagaries in electrode preparation.

Since the selective response of the Fe-l173 glass to uncomplexed ferric ion in

sulfate solutions thus seems fairly reasonable, the electrode was evaluated as a

monitor for sulfate ion titration, Calculations indicate that the sulfate-Fe
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complexes are too weak to yield a well-defined end point for titratJng sulfate

directly with iron. However, if a titrant is chosen that will remove sulfate from

the complexes, thus releasing ferric ion, a satisfactory titration curve is

generated. The end point is defined as the titrant volume at which the potential

remains constant. Once sulfate has been completely rer~oved, Further additions of

t[trant change the iron content only by dilution. This resulting change in potential

is small (60 mV/decade).

It is seen from Figure 13 that the change in potential generated by such a

titration would he the potential difference between that at the initial sulfate

concentration and that below ]0 -4 ~ sulfate. For example, at pH 2.] with l0"3

Fe added, a 67 mV change would be expected for titrattng lO"1 ~ sulfate.

Figure ]4 shows the curve predicted by the computer and two sets of experimental

points For the titration of 100 ml of 0.06 M.sulfate (in 0,1MKC1, pH 2.1, I0"3

Pe) with 0,213 M BaC12. These data were normalized by setting the starting

potential to zero millivolts. (The absolute potentials have little meaning, as

discussed in conjunction with Figure 13.) This plot is assent|ally a linearized

version of Figure 13, since, by definition, volume of titrant is directly proportional

to sulfate concentration.

Table X ts a comparison of computed potential changes For titration of different

sulfate ion concentrations with a set of typical observations. 0F particular interest

are the values For the 1.25 x |0 -3 M $04= (119 ppm) standard. The data given 

the table are For 0.1N NaC1 solutions. In distilled water the observed potential

changes tended to be slightly higher, e.g., 6.7 to 7.8 mV, which Implies a somewhat

better limit of detection, This sensitivity effect ts most likely the result of

a change in equilibrium constant with changes in ionic strength.

An expanded view of the experimental titration end point is shown in Figure

15. There is no difficulty in selecting the end point with ~ 0.05 ml; the sensor

is stable at the end point to ± 0.1 mY.

The accuracy end reproducibility of this method were evaluated by replicate

titrations on known sulfate content solutio~s over the concentration range 119 to

9520 ppm. Distilled water, 0, l N RaCl, and 0.] NNaCI04 were used without complica-

tion as diluents for the stock sulfuric acid solution.
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TABLE X

Potential Changes in Sulfate Titrations

Concentration Potential Change

(Total Sulfate) (mV)

M_ Observed Computed

6x 10-2 56 57

57

49

3 x 10-2 4O 37

30

6 x 10"3 15.1 15

14.7

3 x I0-3 7,3 8

1.25 x 10-3 4.7 4

5.6

3.3
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An effect of the supporting electrolyte on the reproducibility of the end

point was noted when titrations were performed In the presence of 0.1NKCl. At

9520 ppm sulfate, recovery was 9~; at 4760 ppm, recovery was 96%; at 2)80 ppm,

recovery was only 94%. Titratlons employing barium nitrate titrant and 0. I N NO;

electrolyte were also relatively unsatisfactory. The sensitivity was reduced,

and the end point was not as sharp, being definable only to within ± 0.2 m1~ rather

Yhan within ± 0.1 to ± 0.05 ml.

D, Conclusions

The result shown in Figures 12 and 13 and Table X Indicate that (a) the Fe-l173

glass electrode Indeed responds selectively to uncomplexed Fe+3 In the presence

of ferric Iron-sulfate and ferric iron-hydroxlde complexes, and (b) the equillbrium

constants of Table IX adequately describe dilute aqueous solutlons of ferric Iron

and sulfate Ion.

With these facts established, it was possible to have some confidence in the

computer-determlned optimum dependencies of electrode potential on sulfate Ion

concentration as a function of pH and total added Iron. The following conclusions

were Indicated.

(a) At constant pH and constant total sulfate concentration, the primary

effect of changing total soluble iron is Nernstian; i.e., the potential changes are

approximately 60 mV/decade.

(b) A second-order change In sensitivity also results from changing Iron

content; e.g., at pH 2, when the sulfate concentration is changed from 10-2

to 10"4M, the potential changes by 21 mV at 10-4 M Fe, by 18 mV at 10-3

Fe, and by 12 mV at 10"2 M Fe.

(c) The optimum operation~l region for 504= monitoring Ks pH 1.7 to pH 2 and

lO-4 H Fe.

(d) The accessible sulfate concentration range computes as > 2 x -3

(-- 200 ppm).

(el This electrode systemwlll yield distinct titration end points If the

tltrant Is chosen so as to remove sulfate ton from solution, llberattng un-

complexed ~e+3o

!
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These conclusions were consistent with the limited number of conditions inves-

tigated experimentally. Considerations of electrode sensitivity and stability modi-

fied item (c) to an optimum added iron concentration of N5 x I0 -4 to 10-3 ~. Titra-

tion in dilute salt solution yielded a llmlt-of-detectlon of I00 ppm (lO-3 R_),

rather than NZOO ppm. This again is probably an effect of ionic strength on the

equilibrium constants; correction of the calculations wouldt of course, be

possible.

It is to be expected that the method would be subject to many of the same

interferences documented for gravimetric measurements of sulfate via BaS04

precipitation. The stoichiometry of the titration is slightly below theoretical

(~ 1%), except when solutions containing low amounts of salt are titrated. (Note

that the "distilled water~ solutions high in sulfate also contained co~parable

quantities of sodium ion from the pH adjustment step.) This discrepancy in

stotchiometry is ascribed to coprecipttation of sodium sulfate, a classical

problem with barium sulfate based methods.19 Such an explanation is ~ade more

plausible by the poor recoveries observed From electrolytes containing potassium

ion. Such solutions are much mere notorious for alkali sulfate ¢oprecipitatton

of ferric iron; this phenomenon is also well documented.

The chemistry of the titration curve is such that the error in defining the

end point should be constant and relatively independent of the initial sulfate

ion concentration. This feature is borne out by the results shown in Table XI.

At low sulfate concentrations about half the error or scatter shown is ascribed

to instability or drift in the sensor; at high sulfate concentrations the major

portion of the error is ascribed to buret error. These conclusions are based

on the following argument.

The drift in sensor reading translates into an error in free ferric ion

concentration and hence into an error in the complexing sulfate ion concentration.

The sensors used in this work were stable to± Ool mV<ln the vicinity of the end

point. (This stability will vary somewhat with total free Fe+3 concentration.

i.e., the species being sensed by the electrode.) Thus, with a 60 mY/decade Nernstian

¯ relationship of potential to lo9 Ferric ion concentration, this error spread of
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Summarz of Sulfate TttratJons W~th Avera e BaC1Z Solution

Sulfate End Po£nt Average Deviation Number of
Concentration (ml) (ml)

Deviation % Recovery
Heasuremnts

(ppm)

9, 520 47.8 0.ii 0.23 99 12

% 760 23.85 0.07 0.07 99 15

2, 380 11.9 0.08 0.67 98.7 18

476* 4.B5 0.06 1.2 lO0 7

119:: 1.2 0.06 5 99.4 8

::200 CC SA~tPLES



0.2 mV translates into 7.S x 10-6 M Fe at the 10-3 M Fe level. The concomitant

sulfate Ion concentration is ear, puled under the assumption that the [FeSO~]

complex is dominant, (This Is consistent with the computer calculations.) The

sulfate concentration so involved Is 3.7 x 10-5 M, or 3.6 ppm,

!
At the ]owest sulfate ion concentration considered in this work (i.e., 119

ppm) the error from sensor drift is ~ 2.5%~ which is of the order of that found

(Tab|e XI) at 4760 ppm. At 4760 ppm the Instability scatter error is O.OT~,

substantially less than that observed (0.29°/=). The dominant error, then, must 

in deHvery of the titrant to the sample. Under the conditions used, the sensor

drift error is ~0,02 m] of titrant, leaving about 0.06 ml for buret error, which

is reasonable.

We have thus shown that It is possible to monitor $04~ in aqueous so|uttan

(>5 x 10"~ M) by merely’adding Fe+3 in a concentration range of 5 x 10-4 to

I x 10-3 M, adjusting pH to about 2.1, und reading the potential with an Fe-1173

electrode (Figure 13). These electrodes can also be used to determine sulfate 

a titration method by adding a known quantity of Fe+3, adjusting the pH, and

determining the number of mJlliliters of standard BaCI2 tltrant required to reach

the potential en~ point. In this titration method the minimum SO4= concentration
that can be determined In the sample can be as little as I x I0 -3 H. At this low

concentration the relative error was about ± 5°~. As the sulfate concentration tn

the sample is increased, this error becomes smaller, and at S x 10-2 M sulfate,

the relative error was reduced to about ± O.3%.



V. Ca+2 and Hq+2

Two material approaches have been taken for the development of solid-state

sensors for Ca+2 and Hg+2; doping of semiconductors such as single crystal n- and

p-type sllicon~ n- and p-type germanium, and polycrstalline silicon; and doping of

alkaline earth single crystal salts with either univalent or trlvalent ions. Host

of these results are detailed in O.S.W. Progress Reports 619 and 761.2,3 The

most promising results were obtained with the doped alkaline earth crystals, and

these results are summarized here.

The following discussion is limited to the results obtained in the investiga-

tion of CaF2 doped with 10 mole % NaF, 5 mole % YF3, and 10 mole % YF3, as well as

Nd203 doped CaWO4.

A. HaterJal Preparation and Resistivity

The 10 mole% NaF- 90 mole % CaF2 was prepared from single crystal CaF2
(Harshaw Chemical Co.) and reagent grade NaF. The weight of a given CaF2 disc was

used as the basis for determining the amount of dopant, in this case NaF~ to be

added. The doping procedure was carried out via thermal diffusion. The best

result for the NaF doping was obtained by placing the weighed disc of single

crystal CaF2 and the proper amount of NaF in a glazed graphite crucible and heating

the mixture to 1040=C for 116 hours tn a helium atmosphere. The resulting pellet

was then placed in a carbonized quartz ampoule, evacuated, sealed, and heated to

1100°C for 210 hours. Although thermal diffusion appeared to be almost complete,

the sample did not appear to be homogeneous. The resistivity of this sample was

measured and found to be about 107 ~ cm.

The CaF2 used for preparation of YF3 doped CaF2 samples was the same as above.

The YF3 was a high purity powder obtained from Dr. S. G. Parker of Texas Znstruments.

The weight of a given CaF2 disc was used as the basis for determining the appropriate

amount of YF3 to be added for the desired ,nole % dopant. The CaF2 and YF3 were

placed in a glazed graphite crdcible with the YF3 in contact with both sides of

the CaF2 disc. The samples were then heated to 1450°C in a Phillips furnace from
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LeMont Scientific. The furnace was held at 1450°C for three to four hours, then

allowed to cool slowly to ambient temperature before the sample was removed. A

1450°C temperature was selected because it a11owed both CaF2 and YF3 to melt,

mix, and then form a solid solution on cooling. (The meltlng point for CaF2 is close

to 1400°C, and that for YF3 is approximately II40°C; however, some of the solid

solutions of CaF2-YF3 have melting points up to II143°C.) Taking the samples to

the molten state shortens preparation time conslderably, and the end product is

polycrystalline.

The 5% YF3-CaF2 was polycrystalline, but not homogeneous, Either YF3 was

not uniformly distributed in the CaF2 molt at 1450°C, or different solid solutions

were formed when the sample was cooled. With the 1~ YF3-CaP2, however, the

polycrystallina product was homogeneous in appearance,

The resistivity of the 5% YF3 sample could not be measured by the procedure

previously described, 1 indicating a value greater than 1014 O cm. The I~ YF3
exhibited a resistivity of only 1,5 x 103 n cm.

Large crystals of calcium tungstates are readily obtained following a procedure

described by Van Uitert~ et a1,,20-22 which involves pulling the crystals from a

melt. Since these materials tend to lose oxygen at the melting temperature, they

can be grown in air or even in an oxygen-rich ambient. The apparatus used to

prepare calcium tungstate is shown in Figure 16. The melt is contained in a rhodium

crucible approximetely 40 mm tall by 40 mm I.D. with a wall thickness of 1,5 mm,

The 75 mmdiamoter, six-turn induction coll and the rhodium susceptor are surrounded

by 100 mesh alumina powder to thermally insulate the melt and reduce oxidation

of the rhodium, A platinum wire connects the susceptor to ground. Both the seed

holder and the thermocouple tubing are made from alumina, A length of split

alumina tubing rests on the wall of the susceptor and serves as a heat shield to

prevent rapid cooling of the crystal as it is being pulled. Temperature control

at the melting point (1540°C) is obtained with an L & N typo G controller. A platinum

wire with a smell loop in the end serves as an effective seed. Approximately

2.5 cm/hour is a typical withdrawal rate at a rotation rate of 10 rpm,
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In the case of CaWO4, approximately 125 g of the reagent grade material was

malted in the ehodium crucible together with a weighed amount of 99,~ Nd203

calculated to achieve I mole % neodymium in the resulting crystal. Since CaWO4
crystallizes in the tetragonal scheelite structure, most crystals show a tendency

toward fourfold symmetry. Extreme care must be taken in slow-cooling the crystals

to prevent excessive cracking. In the absence of a dopant, the crystals are

generally colorless and transparent. However, with the Hd203 the crystal appeared
slightly bluish.

Several samples were cut from a crystal of calcium tungstate grown from a

melt which contained 1 mole ~ neodymium added as Nd2g3. Although calcium tungstate
crystals have a tendency to crack and fracture, the problem appears to be controllable

by slow cooling. However, the presence of mlcrocracks cannot be entirely eliminated.

Because the reststtvlty of these doped CaWO4 slices as-Brown was too high,

they were heat-treated under VaCUUm to lower the resistance. The heat treatment

was performed tn an evaporator by placlnq the samples in the heating coils and

slc~qly increasing the power. This traatmont was carried out for about six hours.

The pressure in the evaporator was of the order of 10-6 atmosphere. The coil

temperature reached a maximum of 1125°C, but the alum|na slab supporting the Nd-

doped CaWO4 crystals did not exceed 1025’C. The maximum temperatures were maintained

for about two hours. Good resistivity data could not be obtained on these

samples; however, when they were fabricated into membrane-type sensors they showed

good response and stable potentials.

B. Sensor Evaluation

Membrane sensors were prepared from the polycrystallina doped CaF2 containing

1~ NaF, I~ YF3, and 5~ YF3. All these sensors displayed Nernstian behavior’to
ehen9es in Ca+2’ concentration. Typical response curves are shown in Figure ~7.

In addition, these sensors exhibited reproducible potential responses regardless

of the sequence of measurements, Between < lg "~ M and I0 -I M Ca+2, the slopes of

the E-log tea +2] curves ranged frc~27 mV to 29 mV (theoretical slope ~ 30 mY),

1he Slope of each curve becomes even closer to the theoretical value when activities

are used instead of concentrations. A major disadvantage of all of these sensors,
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however, was poor selectivity. A small response to Na+, K+, and NH~was measured

in the 10-3 N to 10"1M range (slope ~ IS to 17 mV). Whenever one of these monovalent

electrolytes was added to the divalent cation test solutions, the response to the

divalent cations was inhibited. For instance, with solutions varying in Ca+2

concentration from 10-6 N to 10-1 ~ and the concentration of KN03, NaClO4, or

NH4Cl held constant at 0.1 N, no potential response to Ca+2 was measured. When

the concentration of monovalent electrolyte Was held constant at 10-3 N, a

linear response to Ca÷2was observed from< 10"4M to 10"1 M, but the slope was

only 23 mV (Figure 18). Apparently the addition of monovalent e|ectrolyte does

not affect the limit of detectability for Ca+2, but it does decrease the slope of

the E-log [Ca+2] curve. Decreasing the pH produced the same effect, as shown

graphically in Figure 19 for the lOS YF~-CaF? sensor. As the pH decreases from

pH 6 to pH 3, the AE for decade changes’in Ca+2 concentration decreases. The

reversal in E-pH trend as the pH is decreased below 3 may be due to dissolution

of the sensor element. The E-pH data c~early show that the pH of the Ca÷2

solutions must be in the neutral region for Nernstian behavior to be observed.

Considering the ion exchange argument, a potential response to anions such

as F" and C204= was expected~ but no response was observed. The above observa-

tions may be interpreted on the basis of the equation for junction potentials

- a1t+ t. 0.059 log --
(5)

E = Ea + t+ + t

Z a2 t

where Ea is the asymmetry potential; t+ and t. are the transport numbers through

the membrane for the cation and anion, respectively; and eI end a2 ere the activities
of the electrolyte on the two sides of the membrane. The Z in E4uation (5)

represents the charge of the higher valent ion. For the potential responses to

Ca+2 in Ca~l2 or Ca(NO3)2 solutions, Z ~ 2, t+ = O, and t. = 1, which gives the
+2Nernstian slope of ~ 30 mV. It appears that Ca is not transported across the

membrane (t+ = O) because of adsorption of the divalent cation by the sensor

element. Current is transported through the microcracks or hydrated pores in the

sensor material, then, totally by the anion (t. = 1).
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The lack of response to fluoride and oxalate is not understood at present,

but it may be related to the charge on the outer layer of the sensor material

and its effect i:1 enhanctno or Inhibiting adsorption,

Numerous additional tests were made with the i~ NaF-CeF2 and I~ YF3-CaF2
membrane sensors. In the absence of a background electrolyte, the TO~ NaF-

CeF~ sensor displayed a Nernstian response to Ca+z, Ba+2, H9+2, Cd+Z, NI+2, Cu+2,

and Hn+2 (slope ~30 mY) in the 10 5 H to I0 I H concentration range. Under the
same conditions, the 1~ YF3-CaF2 displayed a Nernstlan response only to the Ca+2,

Ba+2, and Hg+2. For the Cd÷2, Ni+Z, and Hn+2 the slopes were ~ 20 mV; the slope

for Cu+2 was ~4Z mV. The varying responses of these sensors indicate that the

I~ YF3-CaF2 membrane sensor shows SOme degree of selectivity with regard to
the transport of the various divalent cations across the membrane. As with

the other sensors of this group, the presence of 0.1Hbackground electrolyte

tn the test solutions wipes out the response to the normally measurable divalent

cation.

In an attempt to obtain the optimum surface conditions at the 10% NaF-CaF2
and 1~ YF3-CaF2 sensors, the effect of basic and acidic soaks on the sensor
performance was evaluated. After the sensor had soaked in pH 10 solution for

16 hours, the sensor response was erratic, and the time to establish equilibrium

was long (15 to ZO minutes). In addition, the slope of the E-log [Ca+2] curves

was only 20 mV. After a 16-hour soak in pfl 2 solution, a Nernstian response was

observed~ and the potential response was more rapid and reproducible. It was

concluded that the acidic soak is beneficial to sensor response, whereas the

basic soak ls detrimental.

In another experiment, the concentration of Ca+z in the tnternat reference

solution for the I~ NaF-CaF2 and l~ YF3-CaF2 membrane sensors was varied from
10-3 8 to I.O ~. A slight Improvement in response and selectivity of the sensors

was observed when the mere concentrated internal reference solution was used.

Several sensors have been prepared which respond wall to Ca+2 and Hg+2

when they are the only cations present in the solution, These sensors have
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also been evaluated for their selectivity to each of these ions in the presence

of the other. In general, these membrane sensors do not distinguish between
~a+2 and 1~9÷2 and exhibit only slightly lower responses to the other dlva|ent

ions. Typical data for the response of a 10% YF3-CaF2 membrane sensor to
mixtures of Ca+2 and Hg+2 are presented in Table XII. These date support a

junction potential mechanism. However, it should be pointed out that this

mechanism seems to apply only to divalent ions. Therefore1 these sensors can

be used to monitor brackish waters where the divalent ions are at least 10%

of the monovalent lens.

TABLE XII

Response of 1~ YF3-CaF2 to Ca+2 and Hq+2

(Internal solution 0.1H Ca+2)

Potential ira+2]

(volts) (moles/liter~

0.027 0.01

0.055 0.001

0.027 0,0001

0.059 0.001

0.060 0.0001

[Hg+2]
moles/liter)

0.0001

0.001

0.01

0.0001

0.001

The Nd-doped Ca~/O4 sensor material which was vacuum heat-treated was fabricated
=;

into a membrane sensor. Its response to changes in Ca+2 activity is shown in

Figure 20. However, like p’royious sensors of this type, univalent ions interfered.

The interference appears effectively as a short between the two solutions. Conceivably,

the univalent ions c~uld transport through the ~.ambrane. although they would be

hindered. This may be helpo¢J by a certain degree of microcracking.
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The prospects of obtaining 9ood solid-state sensors for divalent ions with

these systems are still 9008. Crystal preparation (crack-free) end increased

conductivity could provide the Improvements required for usable sensors.

Usable Ca÷2 and Hg+2 solid-state sensors have been fabricated and tested,

While their use ts somewhat restricted to solutions containing these Ions as e

major constituent (> I~), they still can find use tn many applications.
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VI. OTHER ION-SELECTIVE SENSORS

During the course of this contract a variety of materials and sensors for

ions other than those described in the preceeding sections was Investigated.I-3

Other experiments w~re performed to obtain Information helpful in elucidating

the mechanism of the sensors of primary interest. All this work has been reported

previously, l-3 but for completeness and to point the direction for future investi-

gations~ some of these results are presented here.

A. Hn+2 and Mn+3

Considerable effort was devoted to attempts to produce materials and sensors

that would be selectively responsive to Mn+2.1"3 Both doped semiconductors and

amorphous materials were investigated. However, only the limited response obtained

to divalent tons with the doped alkaline earth crystals was obtained. This response

was poor and nonselective. However, during the course of the work on Hn+2, a sensor

was produced which exhibited a good response to Mn+3.

An electrode was fabricated from a material consisting of 4 mole % Mn0 -

1173 glass. This sample had a resistivity of about iOO ~ cm. Electrochemical

generation of Hn+3 was carried out in a solution containing Hn+2 in a sulfuric

acid - pyrophosphate medium. Th~ Hn(P207)-2 complex is stable (violet color)

and does not disproportionate readily. The generation was carried out at a Pt-

flag electrode by constant current electrolysis, and the Mn+3 produced was directly

proportional, to the time of the electrolysis. In arriving at the concentration

of the test solutions, a lO0~ current efficiency was assumed for the electrolysis.

Although the absolute values of the Hn+3 concentrations may be in error, the

Alo9 [Hn+3] should be correct as long as the current efficiency for the electro-

chemical generation remained constant. Figure 21 shows the potential response of

the electrode to Hn+3. In the concentration range 10"SH to l0 -2M Mn+3, ¯ linear

response was observed and a s~ope of 99 mV/decade was calculated. APt electrode

showed a linear respo’nse over the same Hn+3 concentration range (Hn+2 concentration

held at 0.1 ~ and exhibited a slope of 85 mV/decade.
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These results indtcate that the Mn=1173 electrodes may have sorr~ sensing

application. This work was not pursued further.

B, Cd+2 Sensors

In classical electrochemistry the reaction of Cd+2 has been used frequently

as the demonstration ion for many electrochemical techniques, To obtain Informa-

tion concerning the possible mechanism of doped cha|cogenlde g|ass~ an investiga-

tion of Cd-doped materials and the sensors fabrlcated from thent was undertaken,

More details of these Investigations are presented In 0,S.W, Reports 496 and

619.1,2

Membranes and electrodes of 10 mole % CdSe-1173 give reasonably good potential

responses to changing Cd+2 concentration, The potential response ts better when

the sequence of measurements ts from the dilute solutions to the concentrated

ones. Adsorption and/or d|ssolution rates at the glass Interface cause problema

when the measurement sequence is reversed. This is shown in Figure 22 for a

"membrane and an electrode. The theoretical response ts 30 mV per decade change

in Cd+2 concentration, and the response approaches theoretical as the concentra-

tion increases. 6E for a series of ()lotlons is reproducible from one day to the

next for a given electrodep but the absolute potential values indicate that the

Initial ~ondlttons existing at the glass Interface are not reproducible. Later

work has shown that the electrode surfaces need to be etched and activated in

Cd+2 to obtain more stable responses.

The response to Cd+2 did not help determine the mechanism for the potential

response to this cation. A clue to the potential mechanism for the Cd+2 response

was noted while investigating the pH response of the I~CdSe-1173 membrane.

In the absence of Cd+2~ a pR response was observed from pR 2 to pHll (Figure 23).

When Cd+2 was present tn solution, the pH response was limited to pH~s > 8. At

pH 8, the Cd+2 precipitated and the membrane became sensitive to pH. Prom pH 2 to

pH 8, the Cd+2 concentration remained constant and was the Potential-determining

component of the solution, Since the Cd+2 - H+ response was competitive rather

than additives the potential mechanism for these two cations appears to be the

same. From experiments run In the absence of Cd+2, the slope of the E - pH curve
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in the pH 2 to pH 6 range was ~25 mY, which suggested that the potential mechanism

Involved an exchange of a monovalent cation for a divalent cation,

Although ion exchange appeared to he probable with the l~CdSe-1173 membranep

the lack of potential response to Mn+2, Fe+2, and Ca+2 indicated that no reversi-

ble exchange process existed between these divalent cations and the Cd+2 in the

3ensor,

Additional work on Cd+2 sensors appears warranted~ particularly in view of their

applications to the environmental monitoring of various waste water and natural

streams.

C. Na+ and K+ Sensors

Several materials and sensors were prepared .o measure the concentration of

untva]ent ions, parttcular]y Na+ and K+.1’2 A number of commercial electrodes

are available for these ions. The severa] sensors prepared and tested during

this contract exhibited poorer performance than the commercial|y available elec-

trodes. Although the commercially available electrodes did respond, addltional

work is required if these e]ectrodes are to be used in routine applications.

More information is presented on this point in the next section of this report.

Materia|s and sensors have been Investigated for a number of ionic species

in solution. The cost successful sensors were discussed in Section II through

V. In additions some supporting evidence exists for sensors that are selectively

responsive to Mn+3 and Cd+2; further investigative work is required on these sen-

sors. Additional, but unsuccessful, investigations were carried out Jn attempts

to establish materials and sensors for Mn+2, Na+, and K+. No direction for future

investigation of these latter sensors is indicated by this work.
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VII. APPLICATION OF SENSORS TO MONITORING OF DEMINERALIZATION PROCESSFR

Laboratory applications were attempted for some of the sensors developed

during thls program to monitor various process streams encountered in the several

different deminaraltzatton processes. Actual samples of raw well water were

received from Mason-Rust in Webster, South Dakota; the Roswell Test Facility,

Roswel]t New Mexico; and the Desalttng Demonstration Plant tn Freeport~ Texas.

This seetion describes the various laboratory tests performed and the results of

these tests. Although It is not a part of this contract, a description will

also be presented of the application of the Pe+3 and Ca+2 sensors to monitoring

semp]es of acid mine drainage water obtained from the Experimental Mine Drainage

Treatment Facility, Ho11vwood, Pennsylvania.

A. No+= Ca+2T and Fe+3 App1ication~

A system of sensors utilizing commercially available electrodes (Corning

Monovalent Cation Electrode, Corning Ca+2 E1ectrode~ and Orion Divalent Cation

Electrode) and TIls Fe+) sensor was used to analyze a sample of raw well water

obtained from Mason-Rust in WebaterD South Dakota. The Cornlng monovalent cat{on

electrode detected 35 ppm univalent Ions ca]oulated as Na+ as opposed to the 106

ppm Na+ reported in the water analysis. This error, as discussed later tn the

evaluation of another sensorp was due to the ]arge effect of ionic strength caused

by the high concentration of divalent Ions present in the sample, The results

obtained for the Ca+2 concentration with the CornJng Ca+2 electrode were more

difficult to explain. The water analysis reported l~2 ppm Ca+2, but the sensor

determination yielded 400 ppm Ca+2. The high Ca+2 value cannot be explained by

the ionic strength effect. The total divalent cation concentration (Ca+2 and Mg+2)

calculated as Ca+2 was found to he 105 ppm with the Orion dJvalenL cation electrode.

The low value for this determination ~ understandable when the ion strength effect

is considered. Tits Fe+3 sensor (2% FeO-]173) indicated 0.56 ppm Fep versus the

|.05 ppm Fe reported. It was necessary to adjust the pH of the test sample to

3.0 so that the potentials measured would be meaningful when compared wLth those

of the working curve, Here again, the ionic strength of the test solution would

make the results low, In addttion~ it is possible that a portion of the Fe was

present as Fe+2 and therefore could not be detected with the Pe+~ sensor.
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The Corning Na+ electrode (NAS-II-18) was evaluated for its response 

Na+. This electrode has a working concentratfon range from saturated solutions to

IO"6 H (Figure 24), but the lower limit increases as the Ionic strength of the

solutlon increases. The electrode was used to analyze the Na+ content |n water

sanlples from the Roswell Test Facility and Webster, South Dakota. In the Roswell

water sample, the Na+ was a major constituent (largest contributor to tonic strength),

and the determination using the working curve For the Corning Na+ electrode was

straightforward (reported, 4650 ppm Na+; found, 4380 ppm Na+). The accuracy 

these results (,~6~ error) is as good as can be expected from this type of analysis.

With the Webster water sample, however, the Na+ Is only a minor constituent; thus,

the potential displayed is greatly influenced (with regard to ionic strength) 

the large concentration of divalent ions, making analysis by the standard calibra-

tion curve useless (reported, 106 ppm Na+; found~ 38 ppm Na+). k technique involving

dilution of and standard addition of Na+ to the water sample gave results with a

relative error of ~ 3~. A one-liter sample of the Webster water was concentrated

to 330 milliliters in a rotor evaporator. Further evaporation caused precipita-

tion of CaSO4 from solution. This concentrated sample was then diluted with

defontzed water to 1/2, I/3, I/4, 1/5, 1/8, and 1/10 of its initial concentration.

The relative Na+ content of each of these so]utions was measured with the Cornlng

Ne+ electrode, A least-squares analysis of these data was made with a computer,

end the plot shown tn Figure 25 was drawn. The potential of the Cornfn9 Na+ elec-

trode was then measured in the Webster water sample and in a similar sample to

which 39,3 ppm Na+ had been added,

Using the slope of 48 mV From the plot in Figure 25, the following calculations

were made:

E+ - E = 0.048 log C +_.__XX= 0.006 V
C

0.006 C + X
O.---~--L~ = log C = 0.125

C+X
C = 1.33

X 39.3 I19 ppm Na,
C = ~ = 0.33 =
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In these calculations,

E+ = potential of electrode In solution containing standard
addition of 39.3 ppm,

E = potentIaI of e|ectrode in Webster water sample,

C = RB+ content in Webster sample~ and

X = content of Na+ added to Webster sample in standard addition.

The measurement of E+ and E Is very critical In this analysls, If the E+ -

E = 0.005 Instead of O.O06~ then C becomes 151 ppm fla +. The relatlve error in

the ana]ysis due to the error In measuring E÷ and E can be reduced by making X

large so that ¯ 1-2 mV wIl] not be so significant In the value of E+ - E.

Determination of Ca+2 In the Webster well water sample and the Roswell Test

Facility well water sample with the 10% NaF-CaF2J I~ YF3-CaF2, and ~YF3-CaF2
membranes gave encouraging results, as shown In Table XIII.

TABLE XIII

Determination of Ca+2 Concentration in Raw Well Water Samples From

Webster and Roswell Test Facility with the Doped CaF~ Membrane Sensors

ppm Ca+2
ppm Ca+2 Found

Sample Reported I~ NaF-CaF2 I~ YF3-CaF2 ~ YF3-CaF2

Webster 192 6B 159 63

Roswel~ 517 400 503 450

L
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The calibration curve used in these analyses was prepared from potential

responses to CaC12 test solutions. ~he low analysis data probably resulted because

the ionic strength of the raw well water samples was higher than that of the cali-

brating solutions. Without consideration to the ionic strength of the solutionsp

the results of the 10% YF3-CaF2 membrane sensor must be considered either very
good or fortuitous.

fhe results of the tests indicate that ion-selectlve electrodes can be used

to monitor various ions in brackish waters; however, one must have some general

knowledge about the water, It is not sufficient merely to place electrodes

in unknown solutions, measure potential values, and determine concentrations

from some standard calibration curves. It is important that calibration curves

be obtained under conditions that are as nearly as possible identical to those

for the unknown ions (i.e., ionic strength, interferences, etc.). Standard additions

which yield changes of ~ 18 mV for electrodes with nominal 60 mV/decade slope

yield the original concentration equal to the amount added. For 60 mV/deeade elec-

trode response~ doubling =he concentration should result in an 18 mV change.

B, S04- Sensor Appllcatlons

Section IV of this report describes the chemical and electrochemical basis

of a simple and rapid potentiometrtc titration technique for the determination of

sulfate ion in water, The pertinent concepts involved in the analysis were shown

to be the following:

(1)

(z)

(3)

(4)

(5)

Electrodes formed from an iron-doped chalcogentde glass~

Fe2(Ge28Sh12Se60), respond selectively to uncomplexed ferr|c iron4’5;

Ferric Iron forms stable soluble complexes with sulfate ion7;

Barium ion is added incrementally to break up the complex by precipitating

barium sulfate;

The electrode senses the liberated ferric ion;

The end point is signalled by the onset of a constant potential.

87



The limit of detection of the method is approximately I00 m9 sulfete/llter.

Although this value is too high to be of interest in the~anaiysis of many fresh

and drinking waters~ it is more than sufficient for the analysis of many brackish

waters, brines, seawaters, and waste waters. Such aqueous solutions are, of

course, considerably more complex than the simple sodium sulfate = sulfuric acid

solutions used to develop the method, and, as with all methods based on barium

sulfate precipitation, some interferences are to be expected from these other

major ionic constituents. This application describes the eyaluetion of such

interferences in the context of the subject method and provides some preliminary

data on the application of the technique to the analysis of some natural waters

high in sulfate content.

The experimental methods used In this study were essentially the same as

described In Section IV. The sulfuric acid stock solution used for preparing

synthetic brackish waters was standardized against a sodium hydroxide solution,

which~ In turn~ was standardized against potassium actd phthalate. The barium

chloride tltrant was 3tandardized with EDTA, which, in turn, was standardized

against calcium carbonate.

The test solutions were prepared for titration: (I) by adding the proper

amount of sulfuric acid and the specified concentration of the interfering ion

under study, (2) by adJusting the pH to 2.1 ¯ 0.1 to avoid subsequent precipita-

tion of ferric hydroxide, and (3) by adding sufficiePt ferric iron to produce 

concentration of approximately I0 -3 molar Iron.

The actual tttrations were carried out manually as described in Section IV;

approximately 3 to 5 minutes were required to complete one titration. The sensor

electrode was used in the membrane configuration. Potentials were read out on

Hewlett-Peckard 3440A digital voltmeter; impedance matching was provided by a

Keithley Rode1 610C electrometer.

Calcium is known to co-precipitate w[th barium sulfate. 23 Table XIV shows

the results of applying the titration method to sulfate solutions containing various

calcium ion concentrations. The range was chosen to approximate that found in sea
24

water.
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TABLE XIV

Sulfate Recovery vs Ca+2 Concentratt~

~pH 2.1, 2~80 ppm SO~ added)

Ca+ Concentration (~) % Recovery

5 x 10-3 96.5

10"2 95

5 x 10-2 91.5

Clearly, calcium ions do constitute an interference for the titration method.

Based on replicate runs~ these departures from stoichiomatry were reproducible

within the accuracy of the rr~thod so that a correction Factor based on calclum

concentration becomes possible, Since routine waste water analysts generally

involves simultaneous calcium analysis, this correction factor is often available.

Potassium also coprecipitates with BaS04. As in gravimatric barium sulfate

analysis, potentiometric analysis in KCI solutions routinely yield less than

stoichiometric recovery of sulfate, e.9. , 9~ recovery was obtained in 10-I M KCl

for 2 x I0 -2 ~ SOt . Potassium is present in seawater at the 0.0] M level,24so

coprecipitatIon should be less Important for such samples. For more accurate

results, however, potassium ions would have to be removed as, for example, via

passage through a cation ion exchange resin.

Magnesium and calcium also form soluble complex ions wlth stabllity constants

which approximate those of the ferric iron-sulfate complexes.7 A series of tltra-

tions were made in a medium of 0.05 M MgCIz; the magnesium content of seawater is
a nominal 0.054 M. 24 Complete recovery was achieved in all cases, indicating little

or no coprecipitation of magnesium sulfate at this concentration lever. Hc~ever~

the break in the titration curve at the stolchiometricCadditlon of barium ion was

not as large as that observed with distilled water and sodium ion solutions. This

is shown in Table XV, which presents the potential difference between the end

point and a volume of titrant 0.3 ml before the end point. (Although these poten-

tial changes are small, they are well within the stability range of the electrode

and the electronics.)
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TABLE XV

Potential Chanqe at the End Point vs Solution Composition

(2 80ppm SO~, pH 2.1)

Solution Potential Chanqa (mV)

DI HzO + I0-3 M Fe 1.8

0.05 M MgC12 + 10-3 M Fe 0.7

0,05 M MgCI2 + 3 x 10-3 H Fe 0.4

0.05 M HgCI2 + 2 x 10-4 M_. Fe 0.8

0.05 M CaC12 + 10-3 I~ Fe I.O

0.01 _H CaCl2 + 10-3 H Fe 2,1

Also shewn in the table are data for the titration of calcium chloride solutions

of comparable concentrations. A somewhat less sensitive end po;nt is also obtained

in tltratlng the 0.05M CaCI2 solution besides the lower recovery dzsctssed above.

With natural seawater and other waters high in sulfate concentration this effect

can be minimized by dilution of the sample prior to tztration salt concentrations

at and below ]0 "2 M do not cause problems in determining the end point. Finally,

the data in Table XV also irdicate that there is little to be gained from manip-

ulating the ferric Ion concentration.

The method was then applied to a waste water, a brackish water, and seawater.

waste water (~ 950 ppm SO~) was analyzed The the standard sul fate-turbidimetric

¯ ethod, as well as by the subject method, Both methods agreed within experimental

error; the titrimetric end point was similar to that found in distilled water.

A seawater sample (taken near Galveston, Texas) was run following a 10:1 dilu-

tion. Recovery was 2950 ppm sulfate, which is well within the sulfate range expec-

ted for seawater (e.9., 2800 ppm given in Reference 24).

Brackish water from the Roswell Test Facility, Roswell~ New Mexico, was

titrated without dilution; 1360 ppm was found, compared to the 1490 ppm reported

(Table XVI), However, this water also contained 0.05 M calcium, which can 
0

expected to yield a lower sulfate recovery (Table XIV). Correcting this sulfate
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result by the factor shown in Table XIV ylelds a value of 1490 ppm, which compares

favorably wlth the value reported in Table XVI. The end point, although readily

detectable, was not as sharp as in distilled water sanpleSo A 5/1 dilution of

the sample before titration improved the end point without altering the accuracy

of the analysis. This is as predicted from the data In Tables XIV and XV.

Among the more ubiquitous ~ons to be found with sulfate ion are the alkalis

and the alkaline earths. The resulting difficulties thereby introduced into the

subject method are essentially the same as in all barium sulfate methods. Sodium

ion and chloride ion at a hundredfo]d excess cause no problems. Potassium ion

interferes at this concentration level via coprecipltation; 9t~ recovery was

obtained for 2 x |0 -2 H 502 in I0 "1HKCI. Hagnesium and calciem distort the

end point due to simultaneous cor0plexation with sulfate ion, but this does not

cause a major problemwith the titration technique. Although calcium also

coprectpitates, thls effect is sufficiently reproducible to allow for correction

If the Ca content is known, At high sulfate concentrations the sample can be

diluted to minimize interference.

TABLE XVI

Rosweli Test Facility Well Water:

0SW Analytical Results

,Item

Mg+÷
Na’H"

SO4
C1

HC03
==

CO3
Fe

SiO2
Total Dissolved Solids

Total Hardness (As Car03)

pH 7.5

r.oncent rattan (pore)

517

163
4,650
I )490

7,340

206

0

0.22

15
|t+,t)O0

l )980
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Cu+2 Application

The Cu-As2S3 sensors for Cu~2 are described in Section III of this report.

The application studied wlth these electrodes was limited to the monitoring of

Cu in seawater and the various brines from a distillation desalination plant.

To establish whether or not these electrodes could in fact respor=d to Cu+Z in

seawaterm a sample of seawater was obtained from the Gulf of Hexico at the beach

in Galveston, Texas, Cu+2 was added to this water in varying amounts, and the

total Cu in solution was independently determined by atomic absorption. The

responses of two different sensors are shown in Figure 26. The pH of the seawater

was found to be G.B, indicating that as the Cu concentration increased, some of

the Cu may have precipitated. This may account for the nonlinearity. Haweverp

if the solution is acidified to a pH in the range of 2.0 to 4.0, Cu÷2 concentrations

tn the parts-per-billion (ppb) range can be readily =~easured.

Seawater samples of varying copper concentrations with pH adjusted to 2

were contacted with several Cu-As2$3 electrodes, and the potentials were measured.
A Nernstfan response of 60 nN/decade was obtained over the concentration range 6 ppb

to 6 ppm. In simulated brine (l M KCl, pH 2) a 60 mV/decade response was obtained

from 6 ppb to 630 ppm. The best of the commercial copper ion-selectlve electrodes

were shown not to function In brines above I ppm copper, in accord with the mode

of operation recommonded by the manufacturer in the "operation manual." The

Cu-As2S3 electrode showed response to changing copper concentration down to 2 ppb~
but the slope between 6 and 2 ppb was tess than Nernstlan.

The response tlme at these low concentrations was satisfactory| provided the

chan0es were less than an order of magnitude. For example, steady state was

achieved within two minutes after adding 6 ppb to the stock seawater sample

(-- 2 ppb).

A one-gallon sample of final brine wasqhtained from the OSW test facility

at Freeport, Texas, This sample, taken on 18 September 1972, contained a signifi-

cant amount of sediment. Measurements were made after various treatmonts of the

as-received sample.
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The sample as-recelved had a pH of 7.1. Before a sample was withdrawn for

analysis, the origlnal gallon was mixed well and the sample decanted with sediment.

Analysis of the mixed pH 7.1 sample indicated only 6 to 8 ppb Cu+2, The mixed

sample was then acidified to pHI.) with perchloric acid. The average value of

four different sensors was 2.15 ppm Cu+2. The mixed sample was filtered and acidi-

fied to pH 1.9. It then yielded an average Cu+Z value of 0.4/+ ppm, indicating

that some fine particulates of copper passed through the laboratory filter paper.

An independent check of the total copper by atomic absorption yielded a value of

1.1 ppm. H~ever, this latter value is probably low for several reasons; e.g.~

the high salt content of the sample prevented complete atomization of copper, and

particulate copper may not have been aspirated into the flame.

The results obtained with the four Cu-As2S3 copper-selective electrodes are
given in Table XVII. It appears that a simple monitoring system for both dissolved

end particulate copper in the final brine can be demonstrated. In addition, it

will be possible to monitor the difference between incoming and outgoing brine

with little difficulty.

In order to prove this last point, additional samples were obtained from the

’ O.$.W. Test Facility in Freeport, Sample #l was rmv Incoming seawater. Sample

#2 was taken after addition of HzSO4 and the deaerator-decarbonator. Sample

#3 was the final brine. The results of these ana]yses are presented in Table

XVIZI.

The SO4 determinations were made by titration with BaCl2 using an Fe-1173
electrode to signal the end point. This procedure has been discussed previously

In this report and further demonstrates the applicability of ion-selectlve sensors

to the desaltlng process.

In analyzing the data for Cu+2 in Table XVIII, it is important to consider

sources of error in each measurement. The electrode data obtained at a pH of

6.0 may be in error on the low side due to precipitation or complexatfon of the

Cu as CU(OR)2 or Cu(OH)+, At this pH, Fa+3 Is not an Interference. At pH 2.0, ~.
Fe+) Is an interference end can yield high results. The atomic absorption analyses



TABLE XVII

Analyses oF F|nal Brine from Freeport Desalt|n R Plant

(Sample Taken 9/18/72)

Sample
Treatment Electrode Response

52-5 52B-12 58-5 58-2! Average

As-recelved, < 0.0o6 < 0,006 0.006 0.007 0.006
pH 7.1

Adjusted. 2.3 2,1 2.2 2.0 2,15
pH 1.9

Filtered, adjusted, 0,34 0.46 0.53 o.LR+ 0.44
pH 1,9

TABLE XVIII

Ana|yses by Cu-As2S] ESectrodes of Brines From

pH (as received)

Cu+2 (ppm)

pH 6.0

Cu+2 (ppm)

pH 2.0

Cu+2 (ppm)
pH 6.0 (AA¢)

SO; (ppm)

OSW Oesaltlnq Plant~ Freeport~ Texa~

(Samp]es taken 10/2/72)

sample # I Sample # 2 Sample #

8.0 6.3 7.0

N.O.* 0.025 0.6)

N.D.e 0.45 1.44

OoOOl 0.080 1.02

2360 2550 5700

~N.D. = Not detectable

eAA = Extraction followed by atomic absorption analyses

¯
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were accomplished by extraction at pH 6.0. The results can only be low due to

the inability to extract partlcula~e Cu,

These results indicate at least that the total Cu content is between the

values obtained by the ton-selective electrodes at pH 2 and pH 6. Tha AA results

indioate that the values are more nearly between those obtained by AA and the ion-

selective electrode at pH 2,

Free Fe+3 can cause a positive Interference in the ion-selective electrode
+2

determination of Cu by a Cu As2S~ electrode, particu!arly when the fe +3 concentra-
tion is ten times greater than Cu+z. The brines obtained from the Freeport

Desalting Plant contain suspended particulates which have some Fe+3, Cu+2, and

silicates, The silicates are dissolved by adding 0.5 ml of concentrated HF per

100 ml of sample. The resulting solutions at pH 2.0 contain sufficient Fe+3 to

pose a possible interference in the Cu+2 determination= and the effect of HF on

the Cu-As2$3 electrode had not been determined.

Fe+3 forms stable complexes with F" such that the large amount of F" available

after the addit[on of HF should decrease the free Fe+3 activity to an insignificant

level and not be sensed by the Cu=As2S) electrode, When lO-4 M Fe+3 was added to
10-6 ~Cu+2 in 1MKCI solutions containing 0.5 mole ~ HF, no increase in potential

was observed on e~ther an Fe-1173 or two Cu-As2S~ electrodes. The two Cu-As2S3
o .h +3electrodes were then calibrated in solutions containing 0.5 vol ~ HF, I0 M Fa ,

and varying Cu+2 concentrations from 1 x lO"G to 5 x 10"5 M. The resulting curves

were Nernstian, and the potentials obtained were almost identical to those obtained

In the absence of the HF and Fe+3. Thus, it can be stated that F" and Fe+3 in the

presence of F" do not interfere with Cu+2 determination tn I ~KCl, even at concen-

trations as low as O.OG ppm Cu+2.

The procedure of adding a 0.5 vol ~ HF to the sample was next tried with sea-

water, It was hoped that the HF would dissolve the silicates, release the adsorbed

Cu+2, adjust pH to 2.0, and remove the Fe+3 Interference by complextng the iron.

This was attempted in both a batch and a simulated continuous flow system. The

results were questionable, The brines from Freeport contain significant quantities

of calcium and magnesium. The Ca+2 and Mg+2 react wIth F" to precipitate CaF2 and

MgF2. In the presence of this material Cu+2 tends to be both copreclpitated and
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adsorbed on these suspended particles. Tests carried out at the Freeport plant

indicated that tn the presence of this precipate~ when sLa.lderd additions of Cu+Z

were madeD about two-thlrds of the added Cu+2 was removed from 9olution. By repeat-

ing this test in the laboratory It was possible to observe an increase in Cu÷2 for

the first few minutes after the addition of the HFs followed by a slow decrease in

Co+2 as the precipitate formed and the Cu+2 was coprecipttated and adsorbed.

It appears likely that a system for continuous monitoring of Cu~2 in seawater

brines can be worked out. The Fe+3 interference can be suppressed and the Cu+2

can be released from the various silicates and clays present. The problem is to

prevent the precipitation of CaF2 and HgF2. Additional applications work is required to
circumvent this difficulty. However| several suggestions coma to mind. For instance,

the electrodes have sufficient sensitivity so that by diluting the original brine,

the concentration of calcium could be reduced and the Cu+Z concentration still

maintained tn a range that can be easily measured by the Cu-As2S3 electrode. In
this instance semicontinuous monitors can easily be envisioned.

D. Fe+3 and Ca÷2 Application to Acid Mine Drafnaqe Water

A|though not e part of this contractj an investigation was made of the applica-

tion of the Fe-1173 and I0 % YF3 -CaF2 sensors to monitoring acid mine drainage
water. San~ples were provided by Dr. Harold L. Lovellp Oirector of the Experirrental

Htne DEeinage Treatment Faci|ltyt Hollywood, Pennsylvania. These samples were taken

from various points tn the plantp preserved with acids and shipped to Belles.

Analyses were. performed as soon as possible; however~ there was a time lapse of

several days between sampling and analyzing.

The sarnples were preserved tn three different ways. One set was preserved

for total iron; a second was preserved for Fe+2; and the third sample was the raw~

unpreserved water. The very low pR (< 0.5 pH) of the two preserved samples made

exact ¢al!bration difficult~ but relative values could be obtained. The raw samples

had somo F+3 precipitates.. The Fe-l173 sensor results yielded the correct relative

values. For instance s the oxidation tank had by far the most Fe+3 concentration.

Examination of samples from four different points in the treatment plant showed

that the ratio of Fe+3 in each sample agreed with that obtained by the analytical

laboratory in the plant.
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In this particular acid mine draInage treat~nt process the acid is neutralized

and the Fe+3 is prec|pitated by adding limestone (CaC03). The l~ 3 - CaF2 s~nsor
+2

was used to measure the ba concentration in the water from this ~tep of the

process° These sensors yielded very stable reading£,~ which indicated the Ca+2

concentration was 250 ppm, In 9ood agreement with previous analyticel results.

This electrode funct/.ons we|l in this application because Ca+Z is the predominant

cation at this point.

The results with the acid mine drainage water Indicate that these sensors can

be used to monitor such waters. These particu]ar experiments were performed several

years ago. With the added Information obtained since then and the added application

of the Fe-l173 to measure $0~ it shou|d be relatively straightforward to apply these

ton-selective electrochemical sensors to continuous, or at least semi-continuous,

monitoring of acid mine drainage waters and treatment processes for these waters.

9B
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VIII.SUMMARY AND RECOMMENDATIONS

Ao Sunlmary

The research performed on United State Department of the Interior, Office of

SalineWater Contract No. 14-01-0001-1737 has demonstrated the feasibility and

the initial developn:ent of new ion-selective electrochemical sensors. Specifically,
highly selective sensors have been demonstrated for Fe+3 and Cu+2, Proper use

of the Fe+3 sensor can yield a system and/or procedure for rapidly monitoring and/

or determining S0~=, A solid-state sensor was demonstrated for Ca+2 and Mg+2,

Although it is not as selective as the previous sensors, there are many applications

and conditions in which this sensor wi]| perform an adequate monitoring function.

Some applications of these sensors to actual demineralizatlon processes has been

demonstrated,

1. Fe+3

Sensors made of Fe-doped TI #t%73 glass (Ge28Sb12Se60) are selectively
responsive to Fe+3, The response is Nernstian over the range lO"2 to 10"5

Fe+3, with some response in some instances to as low as 5 x 10"7 M Fe+},

(0.03 ppm). The sensor may be used to measure concentrations greater than -2

Fe+3; however, an additional activation procedure will be required to obtain linear

response. The procedure for sensor material preparation and sensor activation,

calibration, and operation has been established and shown to be reasonably repro-

ducible. The average slope in the Nernstian range for 12 sensors from four different

material runs was 56.7 ~V/deeade, with an average deviation of 2.1 mY/decade, The

I G level for this slope was 1.8 mV/decade, A limited number of these sensors has

beer= made available in response to unsolicited requests, In addition, application

of this sensor for monitoring acid mine drainage waters and other acid waste

streams which contain iron is practical.

a

2, Co+z ’

Sensors mode of Cu-As2S3 are selectively responsive to Cu+2. The response of

t~ese sensors is dependent on the supporting electrolyte, particularly the anions.
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In a pure NO; electrolyte the response is Nernstian with a slope of 30 mY/decade,

As the chloride concentration of the electrolyte is increased, the response still

remains NernstJ~n, but increases and finally approaches a value of 59 mY/decade

in 3 Hchloride solutions, Intermediate chloride concentrations yield slopes

between 30 and 59 mV/decade. Procedures have been established for material

preparation and sensor activation~ callbratJon~ and operation,

of commercially available Cu+2 selective electrodes and the Cu-As2$3Comparlson~

sensors were made. The Cu-As2S3 sensor appears to have superior response and

range, particularly in a chloride medium. In, fact. the manufacturers of the commercial

Cu electrode warn against use of the electrode in high concentrations of chloride.

since this results in corrosion of the electrode; therefore, the comn~vcJal electrode

would not be useful in the concentrated brine solutions encountered in various

desalination processes, particularly if the Cu+2 concentration approaches 1 ppm

or 9rearer°

It has been demonstrated that Cu-As2S3 sensors can be used to monitor the Cu+2

concentration brines Involved in desalination processes.

During the course of our investigation of the Fe-1173 sensor we observed ;n

unusual response to Pe+3 In the presence of 50~=" Further Investigations reestabtshed

that the Fe sensor meas~,red "free" F+3 and that the FeSO was not sensed. With

a knowledge of the equilibrium constants for the various complex species In solu-

tions of F+3 and 504= and at a constant concentration of Fe+3 and a constant pH,

the potential of an Fe-1173 sensor is relatable to the $04= concentration. This

method Is fully described tn Section IV of this report. Hanual monitoring of
.q

seawater and brackish water has been accomplished in this laboratory. The sensor

can be used In a continuous monitoring mode by incorporating it tn a process

titrator system, or It can be used to Indicate the end-point of a BaCl2 titration.

The latter method has good accuracy and reproducibility and can readily be applied

to solutions containing more than I00 ppm $0t=.
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~. Ca+2 and Mq+2

Crystalline materials were used as sensors for Ca+2 and Mg+2. For the most

part, these materials ware NaF-CaF2, YF3-CaF2, and Nd20j doped CaW04 crystals.

All materials appear to respond in the same way. These sensors do not distinguish

between Ca+2 and Mg+2, but respond to the sum of the two ions. Major interference

is to be expected from all univalent ions unless the divalent ions predominate

(make up greater than 50% of the total cation content). If the divalent ions

are the major positive ionic constituents, then the sensor appears to have

sensitivity down to at least lO"4 R (4 ppm Ca+2), or possibly lower.

B. Recommendations for Future Investlqations

The relatively small amount of effort expended during this investigation on

app|tcattons yielded most encouraging results, Certainly some additional effort

should be devoted to exploiting the new sensors discussed in this report, as well

as those that are commercially available, Ion-selective electrochemical sensors

cannot simply be placed in an unknown process stream and be expected to yield the

correct answer. However, this work has demonstrated that after a small amount

of work and modification, Ion-selective electrochemical sensors can be applied

to monitoring a nut, her of processes, including demineralization processes,

Hove specifically as a result of this work, addttiona} research and develop-

ment shou]d be directed to instrumentation to automatica|]y and continuously

determine SO; using the Fe-l]73 sensor, Hany applications of thls system to

other waters for S04 monitoring requirements, including acid mine drainage,
appear practical.

The use of As2S3 and other chalcogenide glasses as host materials still
warrants further investigation in an attempt to produce a family of very similar

ton-selective electrochemical sensorS.

Since the doped chalcogentde glasses are good conductors, the steady-state

current potential characteristic of these sensors should be investigated. The

current response is a linear function of concen~vation, while the potentia| response

I01



is logarithmlc, Increased sensor accuracy could be obtained by having the option

oF measurin9 either current or potential,

Other characteristics of these sensors which should be investigated are

te~erature effects, long-term s~ability, lifetime between activations, and

response time.

The 9oal of any future work in this area should include the construction

of at least feasibility equipment and the application of this equipment to actual

processes,

Ion-selective electrochemical sensors and systems can prove to be a useful

aid in controlling, optimizing, and raducin9 the cost of the various demineraliza-

tion processes.
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